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Investigations  on  the  kinetics  and  mechanisms  for  the  oxidation  of  organic 
substrates,  such  as  sulfide  and  alkenes,  by  peroxycarbonate  ion  in  cosolvent/water  and 
aqueous  solutions  are  described.  Peroxycarbonate  is  formed  from  the  reaction  between 
hydrogen  peroxide  and  bicarbonate  ion.  The  active  species  present  in  neutral  pH  is  the 
electrophilic  oxidant  (H00C02)'  whereas  the  active  species  present  at  high  pH  is  the 
nucleophilic  oxidant  (00C02)2 . Increasing  the  pH  from  8 to  12  allows  for  the  oxidation 
of  electrophilic  alkenes.  The  second-order  rate  constants  for  the  oxidation  of  the  sulfides 
by  peroxycarbonate  were  ~ 300-fold  greater  than  those  of  hydrogen  peroxide,  while  those 
for  alkene  oxidation  were  1000-fold  greater  than  hydrogen  peroxide. 

The  mechanism  for  sulfide  oxidation  describes  a bimolecular  type  reaction 
wherein  there  is  an  SN2  attack  by  the  nucleophilic  sulfur  on  the  peroxycarbonate  oxygen 
with  the  displacement  of  carbonate.  At  low  peroxide  concentration,  the  solvent  assists  in 
the  displacement  of  the  leaving  group.  However,  at  high  peroxide  concentrations  (>  1 M), 
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hydrogen  peroxide  is  significantly  catalytic,  and  assists  in  the  displacement  of  the  leaving 
group. 

Hammett  correlations  and  variation  of  solvent  composition  studies  suggest  a 
charge-separated  transition  state  relative  to  the  ground  state,  with  an  increase  of  positive 
charge  on  the  sulfur.  In  addition,  a small  solvent  isotope  effect  of  1.5  for  the  aryl  sulfide 
oxidations  imply  that  there  is  proton  participation  from  the  solvent.  Activation  parameters 
for  both  60:40  and  30:70  tert- butyl  alcohol/water  systems  were  obtained. 

Unlike  sulfide  oxidation  reactions,  oxidation  of  alkenes  by  peroxycarbonate  was 
found  to  be  catalyzed  by  trace  metals.  A second-order  dependence  on  the  bicarbonate 
concentration  was  observed.  A linear  dependence  is  seen  at  low  concentrations  of 
peroxide,  but  at  higher  concentrations  an  inverse  dependence  is  seen.  The  mechanism 
describes  the  formation  of  a manganese  species,  which  is  the  active  oxidant,  but  can  also 
react  with  peroxide  to  form  some  unknown  unreactive  species.  Kinetic  isotope  effect 
studies  show  an  inverse  isotope  effect;  this  implies  that  the  transition  state  for  alkene 
oxidation  differs  from  that  described  for  sulfide  oxidation  reactions. 
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CHAPTER  1 
INTRODUCTION 

Oxidation  of  Organic  Compounds 

Oxidation,  as  defined  in  inorganic  chemistry,  is  the  loss  of  electrons  and  an 
increase  in  the  oxidation  number  of  the  species  being  oxidized.  In  organic  chemistry, 
attempts  to  apply  oxidation  number,  in  most  cases,  lead  to  fractional  values.  Therefore, 
functional  groups  have  been  arranged  in  order  of  increasing  oxidation  states,  and  the 
oxidation  is  defined  as  the  conversion  of  a functional  group  from  one  category  to  a higher 
one.  Using  this  definition,  oxidation  reactions  in  organic  chemistry  are  divided  into 
groups  depending  on  the  type  of  bonds  change  involved.  These  include  the  following:  (1) 
elimination  of  hydrogen,  (2)  cleavage  of  carbon-carbon  bonds,  (3)  replacement  of 
hydrogen  by  oxygen,  and  (4)  addition  of  oxygen  to  a substrate. 

Oxidation  reactions  may  be  classified  as  homolytic,  heterolytic,  and  biochemical 
oxidations.  Homolytic  oxidation,  a one-electron  transfer  process,  leads  to  radical 
chemistry;  however,  heterolytic  oxidation,  a two-electron  transfer,  leads  to  nonradical 
chemistry.  Biochemical  oxidation  involves  the  oxidation  of  biomolecules  such  as  lipids 
and  proteins.  These  biomolecules  contain  organic  groups,  such  as  sulfides  and  double 
bond,  which  are  susceptible  to  oxidation.  The  result  of  this  oxidative  process  is 
implicated  in  the  oxidative  stress  in  an  organism. 
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The  different  classes  of  oxidants  are  oxygen,  ozone  and  peroxides.  The  focus  here 
is  on  peroxide  chemistry,  particularly  peroxides,  metal-catalyzed  peroxide,  and  main 
group-catalyzed  oxidation  reactions. 

Hydrogen  Peroxide 

Hydrogen  peroxide,  a natural  metabolite  in  many  organisms,  is  an  environmentally 
friendly  oxidant  that  decomposes  to  O2  and  H2O.  The  oxidation  of  various  organic 
compounds,  such  as  sulfide  and  alkenes,  by  hydrogen  peroxide  has  been  documented  in 
the  literature.1  Industrial  applications  include  the  manufacturing  of  epoxides,  which  are 
widely  used  in  the  preparation  of  commodity  chemicals  such  as  epoxy  resins,  surfactants, 
paints,  adherents,  reaction  diluents  and  surface-coating  agents.2  In  addition,  hydrogen 
peroxide  chemistry  occurs  in  the  prostaglandin  synthesis  and  in  the  biochemical 
oxidation  of  polyunsaturated  carboxylic  acids  that  are  important  in  the  synthesis  of  cell 
membranes.3  Hydrogen  peroxide  oxidation  reactions  are  also  useful  in  the  remediation  of 
contaminated  ground-water  and  soils. 

Reactions  involving  hydrogen  peroxide  are  extremely  slow.  However,  several 
methods  are  used  to  activate  hydrogen  peroxide  (Figure  1-1).  The  reaction  of  hydrogen 
peroxide  with  a strong  base  generates  the  perhydroxy  ion  (Equation  1-1),  which  is 
effective  in  oxidation  of  functionalized  alkenes. 

HOOH  + OH' ► HOO'  + H20  (1-1) 
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Figure  1-1 


OH 


H 


UV 


Fenton 


v. 


HOO' 

OH+ 

OH' 

OH’ 


RCOOH 

► 

H2SQ4  r 
RCN 


v. 


r 


ML 


•< 


M=0 


(I) 


L{M=0} 

^OH 


M. 


X)OH 


(II) 


(HI) 


v. 


Activation  of  Hydrogen  peroxide. 


4-5 


4 


Hydrogen  peroxides  are  also  activated  by  strong  acids.  The  acid  will  induce  polarization 
of  the  0-0  bond,  which  results  in  the  heterolytic  cleavage  of  the  hydrogen  peroxide  to 
0H+ (Equation  1-2). 45 


H-O-O-H 


h2so4 

— — -V 


© © 
H-0-0— H ► H20  + O— H 

I 

H 


(1-2) 


Homolytic  cleavage  of  peroxide  can  be  achieved  via  exposure  to  UV  or  in  the  presence  of 
the  Fenton  reagent,  resulting  in  free-radical  chemistry  (Equation  1-3). 

H202  UV  °r  Fe-»»  HO-  -OH  (1-3) 

The  second  method  of  activation  involves  the  reaction  of  hydrogen  peroxide  with  an 
organic  acid  or  nitriles,  resulting  in  peracids  or  peracid-type  species  (Figure  1-1).  The 
final  method  of  activation  involves  the  reaction  of  high-oxidation-state  transition  metals 
(or  their  compounds)  with  peroxide  to  form  peroxymetals  (Figure  1-1).  Reactions 
involving  peracids  and  peroxymetal  are  covered  in  a later  section  of  this  chapter. 

Alkvl  Hydroperoxides 

Alkyl  hydroperoxides  are  inexpensive  and  readily  available.2  Those  oxidants  can 
be  prepared  from  the  reaction  of  alkyl  bromides  or  iodides,  hydrogen  peroxide  and  silver 
triflouroacetate.6 


HOOH  + RX  + AgOCOCF3  ► ROOH  + AgX  + HOCOCF3  (1-4) 


Primary  hydroperoxides  are  generally  formed  via  the  iodide,  and  secondary  and  tertiary 
hydroperoxides  are  formed  using  the  bromides.  Another  important  method  for 
hydroperoxide  synthesis, 7 which  is  one  of  the  oldest,  is  the  reaction  of  alkyl  sulfonates 
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and  hydrogen  peroxide.  The  yields  of  hydroperoxide  products  are  moderate  for  primary 
sulfonates  and  poor  for  secondary  sulfonates. 

Autoxidation  of  alkanes,  alkenes  and  unsaturated  fatty  acids  leads  to  the  formation 
of  alkyl  hydroperoxides.  The  mechanism  involves  the  initial  abstraction  of  a hydrogen 
atom  to  generate  an  alkyl  radical  that  ultimately  reacts  with  molecular  oxygen  to  form 

alkyl  hydroperoxide  radicals.  However,  the  hydroperoxide  radical  is  highly  reactive  and 
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can  abstract  a hydrogen  atom  from  a neutral  molecule,  resulting  in  alkylhydroperoxide. 
The  mechanism  for  the  autoxidation  of  linoleic  acid  is  described  in  Figure  1-2  9 

The  many  advantages2  of  using  alkyl  hydroperoxides  include  the  following:  (1) 
less  sensitivity  to  metal  contamination,  which  leads  to  safer  handling,  (2)  miscibility  with 
nonpolar  solvents,  (3)  high  thermal  stability  in  dilute  organic  solution,  and  (4) 
nonreactive  to  most  functional  groups  in  the  absence  of  a proper  catalyst. 

The  most  important  commercial  reaction  involving  alkyl  hydroperoxides  is  the 
epoxidation  of  propylene  to  propylene  oxide;  the  byproducts  from  this  oxidation  reaction 
are  useful  in  the  gasoline  industry.10'11  This  oxidation  process  has  two  different  synthetic 
routes  as  shown  in  Figures  1-3  and  1-4.  Figure  1-3  shows  the  initial  reaction  of  isobutane 
with  oxygen  to  produce  the  hydroperoxide  precursor,  which  in  the  presence  of  a catalyst 
oxidizes  propylene  to  propylene  oxide.  The  byproduct  t-butanol  is  converted  to  the 
gasoline  additive  methyl  tert- butyl  ether. 
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Figure  1-2.  Mechanism  for  the  generation  of  LOOH  from  PUFAs9 
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(CH3)3CH  +02  ► (CH3)3COOH 
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Figure  1-3.  Propylene  oxide  formation  using  t-butyl  hydroperoxide 

Figure  1-4  describes  the  reaction  of  oxygen  with  ethyl  benzene  producing  the  ethyl 
benzene  hydroperoxide  precursor,  which  in  the  presence  of  a catalyst  oxidizes  propylene 
to  propylene  oxide.  The  byproduct  1 -methyl  benzyl  alcohol  loses  water  to  generate 
styrene. 


CH3-CH=CH2 


/° 

ch3-ch-ch2 


Figure  1-4.  Propylene  oxide  formation  using  1 -phenyl  ethyl  hydroperoxide 


General  Mechanism  for  Fleterolytic  Oxidations  by  Peroxides 
Fleterolytic  oxidations  by  peroxides,  as  described  in  Figure  1-5,  involves  the 
nucleophilic  attack  of  the  substrate  at  the  electrophilic  oxygen  of  the  ROOH,  which 
results  in  the  displacement  of  OR'  and  the  protonated  form  of  the  oxidized  species. 
Ultimately,  the  OR'  will  abstract  the  proton  resulting  in  the  desired  product,  NuO.  If  the 
reaction  is  carried  out  in  protic  solvents  (AH)  such  as  water  and  ROH  proton  transfer  will 
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assist  in  the  displacement  of  the  ROH,  which  leads  to  the  immediate  formation  of  the 
oxidized  species,  NuO. 


Figure  1-5.  Mechanism  for  heterolytic  oxidation  by  peroxides. 

Studies  on  oxidation  of  thioxane  in  various  protic  solvents  showed  the  least  acidic 
of  protic  solvents,  N-methylacetamide,  lead  to  the  maximum  activation  energy.13  This 
result  suggests  that  proton  transfer  is  necessary  in  the  activated  complex.  Protic  solvent 
interaction  lowers  the  energy  requirements  for  the  displacement  on  the  peroxide  oxygen 
by  minimizing  charge-separation.  A significant  charge-separation  results  in  a larger 
negative  entropy  of  activation  than  is  observed  for  thioxane  oxidation  by  peroxides.13  As 
a result,  peroxide  oxidation  increases  as  the  acidity  of  the  solvent  increases.  The 
oxidation  rate  of  thioxane  by  hydrogen  peroxide  in  water  is  16-fold  higher  than  the 
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corresponding  oxidation  by  t-butyl  peroxide.  The  catalytic  role  may  also  be  played  by  the 
hydrogen  peroxide  in  aprotic  solvents. 

Metal-Catalyzed  Oxidations 

Metal-catalyzed  activation  of  peroxides  may  be  classified  as  homolytic  or 
heterolytic  oxidations.  Homolytic  oxidation  is  a one-electron  process,  which  leads  to 
radical  reactions.  Fenton  chemistry,14"16  the  best  known  example,  involves  the 
decomposition  of  hydrogen  peroxide  in  the  presence  of  iron  (II)  catalyst  to  generate 
radicals  (Equations  1-5  to  1-9). 


c II 
Fe 

+ 

h2o2  — 

► 

FemOH  + HO- 

(1-5) 

c III 
Fe 

+ 

h2o2 

► 

Fe11  + H02  + H+ 

(1-6) 

17  II 

Fe 

+ 

HO-  — 

► 

FemOH 

(1-7) 

17  in 

Fe 

+ 

ho2 

► 

Fe11  + 02  + H+ 

(1-8) 

6 

X 

+ 

H202 

► 

h2o  + ho2 

(1-9) 

The  hydroxyl  radical  formed  further  reacts  with  organic  substrate  generating 
organic  free  radicals  (Equation  1-10),  which  may  be  oxidized  by  Fe111  (Equation  1-1 1)  or 
reduced  by  Fe11  (Equation  1-12). 


RH 

+ 

HO- 

► R-  + 

H20 

(1-10) 

R- 

+ 

T7  III 

Fe 

► [R+] 

17  II 

+ Fe 

► products 

(1-11) 

R- 

+ 

T7  II 

Fe 

► [R-] 

T7  HI 

+ Fe 

H2°  RH 

(1-12) 

The  yield  of  the  oxidized  substrate  is  low  because  of  the  competitive  nature  of  Fe11 
(Equation  1-7),  H202  (Equation  1-9),  and  the  substrate  (Equation  1-10)  for  the  hydroxyl 
radicals.  This  low  yield  therefore  limits  the  use  of  Fenton  chemistry  for  substrate 
oxidation  by  hydrogen  peroxide. 
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Another  class  of  metal-catalyzed  oxidation  is  the  heterolytic  two-electron  process. 
Acidic  metal  oxides,  such  as  M0O3  and  V2O5,  catalyze  hydrogen  peroxide  oxidation 
reactions.  These  processes  are  accomplished  through  the  formation  of  inorganic  peracids 
(Equation  1-1 3). 17 


MO3  + H2O2 


HO„ 


O 


O 

/ -X 


o. 


OH 


(1-13) 


These  metal  peroxy  species  are  analogous  to  organic  peracids  and  will  undergo 
heterolytic  0-0  cleavage  with  various  nucleophiles  (Equation  1-14).  The  conjugate  base 
of  the  acid  is  an  excellent  leaving  group  and  allows  for  its  nucleophilic  displacement 
(Equation  1-14). 14 


HO- 


O 


O 

1-0- 


+ NuOH 


(1-14) 


) 

Nu' 

Oxidation  of  alkenes  by  organic  and  inorganic  peracids  occurs  via  similar  transition 
states  (Figure  1-5). 14,18  Structure  A depicts  a transition  state,  wherein  the  nucleophilic 
alkene  attacks  the  electrophilic  oxygen  of  the  peracid.  Structures  B and  C show  the 
attack  of  the  alkene  on  the  peroxide  oxygen  of  the  peracids.  All  these  mechanisms  lead 
to  the  oxidized  products  and  involve  acidic  metal  oxides  as  the  leaving  group. 
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Figure  1-5.  Proposed  transition  states  for  epoxidation  reactions  by  organic  and  inorganic 
Peracids. 

Mimoun  et  al.  19  synthesized  the  first  family  of  peroxymetals  having  significant 
oxidizing  ability.  They  are  generated  by  the  addition  of  Mo(VI)  precursors  to  hydrogen 
peroxide.  Two  mechanistic  pathways  (Figure  1-6)  describe  oxidation  reactions  involving 
d°  metal  complexes  (Movl,  Vv,  Tiv).20  In  the  first  pathway  (A),  the  alkene  attacks  the 
electrophilic  oxygen  atom  covalently  bonded  to  the  metal,  which  is  analogous  to  the 
Bartlett  butterfly  mechanism.21  In  the  second  pathway  (B),  alkene  coordination  to  a metal 
is  followed  by  its  insertion  in  the  metal-oxygen  bond,  forming  a five  member 
pseudocyclic  dioxametallocyclopentane,  which  decomposes  to  the  epoxide  and  metal 
oxide. 20’22 


Heterolytic  oxidation  is  also  achieved  by  using  the  Sharpless  asymmetric 
epoxidation  catalyst,  introduced  in  the  early  1980s.  It  consists  of  a mixture  of 
commercially  available  titanium(IV)  tetraisopropoxide,  tetrabutyl  hydroperoxide 
(TBHP),  and  (+)-or  (-)-  diethyl  tartrate  that  facilitates  enantioselective  epoxidation  of 

23 

allylic  alcohols  with  high  enantiomeric  excess  (ee). 
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Figure  1-6.  Proposed  mechanism  for  d°  metal-catalyzed  epoxidation  of  alkenes  by 
peroxide 

Rate  enhancement  is  achieved  by  the  addition  of  3-4  A molecular  sieves  (Figure  1- 
7). 24  These  oxidation  reactions  involve  metal  catalysts  in  formal  high-oxidation  states, 
such  as  molydenum(VI),  vanadium(V),  and  titanium(IV). 


Figure  1-7.  Asymmetric  epoxidation  of  allylic  alcohols. 
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Inorganic  Peracids 

Transition-metal  peroxocarbonates  of  formula  LnM(C04)Xm  (L=ancillary  ligand, 
n = 2,3,  X = halogen,  m = 0,1)  are  usually  prepared  by  passing  carbon  dioxide  through  a 
solution  of  dioxygen  transition  metal  complexes,  LnM(02)Xm  (M  = Pd,  Pt,  Rh,  Ir).25 
Another  synthetic  method  is  the  reaction  of  carbon  dioxide  complexes,  LnM(C02)Xm  (M 
= Ni,  Rh)  with  dioxygen.26 

A mechanism27  for  the  formation  of  metal  peroxcarbonates  from  carbon  dioxide 
and  dioxygen  is  shown  in  Figure  1-8.  It  is  implied  that  the  0-0  (route  1)  or  M-0  (route 
2)  bond  opening  is  followed  by  carbon  dioxide  insertion,  ultimately  leading  to  the 
formation  of  the  peroxocarbonate. 

Labeled  oxygens  were  used  to  ascertain  which  mechanism  was  operative,  to 
elucidate  the  oxygen  transfer  process,  and  to  determine  which  peroxo  O-atom  is  being 
transferred  to  the  substrate.  Results  showed  that  carbon  dioxide  inserts  into  the  0-0 
bond  rather  than  the  M-0  bond. 


Figure  1-8.  Mechanisms  for  the  formation  of  transition  metal-peroxocarbonate.27 
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These  oxidation  reactions  are  classified  as  heterolytic  oxidations,  and  the  oxidants 
are  good  oxygen  transfer  agents  to  nucleophiles  such  as  alkenes  and  phosphines.28 
However,  the  rhodium  (III)  complex29  was  shown  to  be  more  selective  toward 
phosphines  than  alkenes  (Figure  1-9).  The  oxygen  transfer  process  is  intermolecular 
(Figure  1-9)  since  the  coordinating  phosphines  were  not  oxidized.  In  solution  the  solvent 
promotes  oxygen  transfer,  which  leads  to  phosphine  dissociation. 

The  peroxy  group  is  attacked  by  the  nucleophilic  phosphine,  generating  phosphine 
oxide  and  carbonate  in  the  process.  However,  solid  rhodium  peroxocarbonate  heated 
with  ethylene  releases  phosphine  slowly  and  is  rapidly  oxidized  by  the  peroxocarbonate 
phosphine  oxide.  Remarkably,  the  selectivity  for  phosphine  over  alkene  oxidation  is 
100%.  Therefore,  the  role  of  the  ethylene  is  to  displace  the  phosphine  from  the  rhodium. 
A more  reactive  alkene,  such  as  styrene,  when  used  in  excess  is  oxidized  by  the  rhodium 
peroxocarbonate  to  styrene  oxide,  phenylacetaldehyde  and  phenyl  methyl  ketone  (Figure 
1-10). 

Organic  Peracids 

Peracids  are  synthesized  from  the  acid-catalyzed  equilibrium  between  hydrogen 
peroxide  as  described  in  Equation  1-15  30  In  the  absence  of  a catalyst  the  equilibrium  is 
very  slow.  At  low  pH,  ionization  of  RCO2H  is  suppressed  more  than  that  of  the  weak 
RCO3H,  and  this  drives  the  reaction  to  the  right  (Equation  1-15). 

H+ 

RC02H  + H202  — RCO3H  + H20  (1-15) 

The  reaction  of  acid  anhydrides  with  hydrogen  peroxide  in  the  presence  of  an  acid 
(Equation  1-16)  will  also  generate  peracids.30 
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Figure  1-9.  Rhodium  peroxocarbonate  in  solution  and  in  solid  state 
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Figure  1-10.  Products  from  styrene  oxidation  by  rhodium  peroxocarbonate  reaction. 
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H 

(RC0)20  + H202  ► RC03H  + RC02H  (M6) 

These  peracids  are  effective  in  the  oxidation  of  alkenes.  However,  it  is  necessary  to  have 
an  acid-free  environment  in  alkene  epoxidation  reactions  because  the  epoxides  generated 
are  prone  to  acid  hydrolysis.  Extraction  of  the  peracid  or  neutralization  of  the  remaining 
free  acid  can  eliminate  such  problem.  It  is  preferred,  however,  to  generate  peracids  in 
situ  to  eliminate  separation  and  storage  problems. 

Organic  peracids  have  lower  melting  points  and  higher  solubility  in  organic 
solvents  than  their  parent  acids.  The  observed  differences  may  be  explained  due  to  the 
stability  of  the  intramolecular  H-bond  in  the  peracid  (Figure  1-11  A)  compared  to  the 
intermolecular  H-bond  in  the  acid.  Another  possible  explanation  is  that  five-membered 
ring  of  the  peracids  is  less  strained  than  the  strained  four-membered  ring  in  the  parent 
acids. 

Peracids  form  intermolecular  H-bonds  in  non-coordinating  solvents  (Figure  1-11 
B).  The  hydrogen  bonding  becomes  stronger  with  increasing  basicity  of  the  solvent  and 
increases  with  the  acidity  of  the  acid. 
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Figure  1-11.  Peracid  H-bonds.  A)  Intramolecular.  B)  intermolecular. 

Hydrogen  peroxide  (pKa  = 1 1.6)  is  a stronger  acid  than  water;  however,  these 
peracids  (pKa  = 7-8)  are  considerably  weaker  acids  than  their  parent  acids  (pKa  = 3-4). 31 
The  lower  acidity  results  from  the  incorporation  of  the  oxygen  in  the  acids,  which  lowers 
the  inductive  effect  of  the  acyl  group.  In  addition,  the  leaving  group  of  the  acid  is 


18 


stabilized  by  resonance  and  this  may  also  lead  to  the  lower  acidity  in  the  parent  acids. 
Perbenzoic  acidity  increases  with  electron-attracting  substituents,  hence  the  resulting  p- 
value  of  + 0.67.  Trifluoroacetic  acids  low  pKa  value  of  ~ 3.7  is  attributed  to  the  strong 
electron-attracting  CF3  group.33 

An  important  feature  of  these  peracid  reactions  is  the  potential  for  electrophilic 
oxygen  transfer  to  nucleophilic  substrates  (Equation  1-17). 

NuO  + h-O-C-R  (1-17) 

II 

O 

Peracids  have  been  widely  used  to  oxidize  various  nucleophiles  such  as  alkenes, 
sulfides  and  nitrogen  compounds.  One  of  the  most  common  alkene  oxidation  reactions 
involving  peracids  is  the  Preleshajev  epoxidation.34  The  proposed  transition  state  for 
peracid  epoxidation  of  alkenes  is  shown  in  Figure  1-12. 35 
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Figure  1-12.  Mechanism  for  olefin  epoxidation  by  peracids.35 

Peracid  epoxidation  of  alkenes  is  influenced  by  several  factors,  which  include  (1) 
the  type  of  C=C  bonds,  (2)  substituents  on  the  peracids,  and  (3)  rates  are  significantly 
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reduced  by  coordinating  solvents  such  as  ethers,  which  form  intermolecular  bond  Id- 
bonds.35  The  kinetics  35  for  alkene  epoxidation  reactions  are  as  follows: 

1 . Reaction  is  second  order. 

2.  Oxygen  transfer  is  stereospecific,  always  with  cis-alkenes  producing  cis-epoxides 
and  trans-alkene  producing  trans-epoxides. 

3.  Rate  of  reaction  is  increased  with  increase  in  the  strength  of  the  acid. 

Peracids  oxidize  sulfides  to  sufoxides  and  ultimately  to  sulfones.  The  nucleophilic 
sulfide  attacks  the  peroxidic  oxygen  of  the  peracid,  as  shown  by  the  positive  p-value  of 
1.58  for  substituted  perbenzoic  acids.36  Sulfoxide  is  slowly  oxidized  by  the  peracid  to  the 
sulfone,  and  the  mechanism  involves  nucleophilic  attack  on  the  peracid  as  indicated  by 
the  substituent  effect,  /?=  0.75. 37 


PA  PA  PA 

RSH ► RSSR ► RS02R  ► RS03H  (1-18) 

Oxidation  of  thiols  by  peracids  in  mild  conditions,38  leading  to  the  initial  formation 
of  disulfides,  is  also  achieved  (Equation  1-18).  With  an  excess  of  the  peracid,  the 
disulfides  is  oxidized  to  sulfinic39  and  sulfonic  acid.40  Furthermore,  oxidation  of 
disulfides  with  equimolar  peracid41  yields  thiosulfonate  (2),  and  with  2 equivalents  of 
peracids  a-disulfoxides  (3)  (Equation  1-19).  However,  the  disulfoxides  are  found  to  be 
unstable  and  disproportionate  to  give  a series  of  sulfur  compounds  (Equation  1-19). 42 
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Low-temperature  NMR  studies42  show  the  initial  formation  of  disulfoxide  (3),  which 
ultimately  isomerizes  to  form  thiosulfonates  (5)  via  the  thiosulfinate  intermediate  (4) 
(Equation  1-19). 

Peroxycarbonate 

The  use  of  bicarbonate  ion  as  an  activator  for  hydrogen  peroxide  was  first 
described  by  Drago  and  coworkers  in  1997.43  Hydrogen  peroxide  reacts  with  bicarbonate 
forming  peroxycarbonate  near  neutral  pH  in  aqueous  solutions  and  co-solvent/water 
mixtures  (Equation  1-20  and  Figure  1-12)  44 

HC03'  + H202  HC04'  + H20  ( 1 -20) 

o 


Figure  1-12.  Peroxycarbonate  ion,  HC(V 

Peroxycarbonate  salts  are  well  known.45'48  Alkali  metal  salts  are  prepared45  by 
passage  of  carbon  dioxide  through  a mixture  of  concentrated  hydrogen  peroxide  and 
sodium  hydroxide  at  low  temperature  (Equations  1-21  and  1-22).  Prolonged  passage  of 
carbon  dioxide  through  the  mixture  leads  to  loss  of  active  oxygen  due  to  simultaneous 
hydrolysis  of  the  peroxycarbonate  and  contamination  of  the  product  with  sodium 
bicarbonate. 
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However,  reacting  1 equivalent  of  hydrogen  peroxide  with  1 equivalent  of  sodium 
hydroxide  and  passing  carbon  dioxide  through  the  solution  at  -5  °C  (Equations  1-23  and 
1-24)  results  in  the  formation  of  the  dimer,  M2C206  (Figure  1-13). 

2 MOH  + H202  — ~ocr  M202  (aq) 
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Figure  1-13.  Peroxocarbonate  ion,  C2062’ 

The  peroxycarbonate  ion  has  been  characterized  by  vibrational  spectroscopy46,47 
and  X-ray  crystallography.48  A section  of  the  crystal  structure  of  peroxymonocarbonate, 
KH(00)C02H202,  is  shown  in  Figure  1-14.  These  peroxycarbonate  salts  are  unstable; 
therefore,  formation  of  peroxycarbonate  in  situ  is  likely  to  be  used  in  most  applications. 
Components  of  the  system  are  environmentally  friendly  and  can  be  obtained  in  high 
purity.  The  oxidant  peroxycarbonate  has  been  used  to  oxidize  sulfides43,48  and  alkenes.49 
Peroxycarbonate  oxidations  have  many  advantages  over  other  peracids  and  oxidants  in 
applications  such  as  organic  synthesis,  bleaching  and  chemical  warfare 
decontamination.50'52 

The  chemical  warfare  agent  HD,  also  known  as  mustard  agent  (Figure  1-1 5A),  is  a 
blistering  agent  that  attacks  the  mucous  membranes  and  is  lethal  at  high  doses.  Exposure 
to  this  agent  results  in  extensive  skin  blisters,  injury  to  the  eyes,  and  lung  injury,  which  is 


the  most  common  cause  of  death. 
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Figure  1-15.  Structures  of  chemical  mustard  Agent  HD  and  HD  simulant 

The  toxic  effects  of  mustard  agent  are  due  to  its  ability  to  rapidly  react  with 
nucleophiles  in  the  body.  Hydrolysis  of  mustard  agent  is  shown  in  Figure  1-16.  The 
initial  reaction  is  the  displacement  of  the  leaving  group  by  the  neighboring  sulfur  atom, 
forming  a three-membered  cyclic  sulfonium  cation,  which  reacts  rapidly  with  any 
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nucleophile  in  its  presence.  These  include  water,  sulfides,  thiols,  and  double  bonds.  The 
HD  simulant  shown  in  Figure  1-1 5B  has  similar  properties  to  the  mustard  agents. 
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Figure  1-16.  Hydrolysis  of  sulfur  mustard.53 


CHAPTER  2 
SULFIDE  OXIDATIONS 


Introduction 

The  oxidation  of  sulfides  to  sulfoxides  and  sulfones  by  various  peroxyacids, 
hydroperoxides  and  hydrogen  peroxides  has  been  extensively  studied.55'57 
Peroxycarbonate,  which  is  analogous  to  these  peracids,  is  effective  in  oxidation  of 
various  nucleophiles;42  58  however,  this  is  a new  area  of  interest  and  the  mechanism  for 
these  oxidation  reactions  is  not  fully  understood.  Peroxycarbonate  is  formed  from  the 
pre-equilibrium  reaction  between  hydrogen  peroxide  and  the  bicarbonate  ion 
(Equation  2-1). 

HC03' + H2°2  HCO4'  + H20  (2- 1 ) 

E°  (HCO4  /HCO3  )=1.8  + 0.1  V (vs  NHE),  suggesting  that  the  peroxycarbonate  is  a 
potent  oxidant  in  aqueous  solution.44  On  the  basis  of  the  pKa  of  the  leaving  group 
conjugate  acid(C04~  leaving  group,  pKa  (HCO4')  = 10.6),  peroxycarbonate  is  expected 
to  be  intermediate  in  activity  to  hydrogen  peroxide  (OH-  leaving  group,  pKa  (H20)  = 
15.7)  and  organic  peracids  (RC(O)O-  leaving  group,  pKa  (RC(O)OH)  = 4-5).44 

Cosolvents  can  be  used  to  provide  organic  substrate  solubility  and  shift  the 
equilibrium  (Equation  2-1)  to  the  right.  Richardson,  et  al., 59  and  Xu60  have  showed  that 
an  increase  in  catalytic  efficiency  of  the  BAP  system  (Bicarbonate  Activated  Peroxide) 
can  be  achieved  by  using  a more  soluble  source  of  bicarbonate  (NH4HCO3)  and  a primary 
alcohol  in  place  of  NaHC03  and  tert- butyl  alcohol,  respectively.  In  this  chapter,  kinetics 
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and  mechanism  for  the  oxidation  of  arylsulfides  by  peroxymonocarbonate  ion  in 
cosolvent/water  media  are  described.  In  addition,  Hammett,  co-solvent  variation,  kinetic 
isotope  effect  and  Grunwald-Winstein  studies  provide  a better  understanding  of  the 
nature  of  the  transition  state  species  for  these  systems. 

Experimental 

Materials.  The  sulfides  and  hydrogen  peroxide  (35%)  were  purchased  from  Sigma- 
Aldrich.  Reagent  grade  solvents,  ethanol  (AAPER),  tert- butyl  alcohol  (Aldrich), 
z'-propanol  (Fischer),  methanol  (Fisher)  and  THF  (Fisher)  were  purchased  and  used 
without  further  purification.  Ammonium  bicarbonate  (Mallinckrodt)  and  ammonium 
dibasic  phosphate  (Sigma)  were  purchased  as  analytical  grade  and  used  without  further 
purification.  High  purity  sodium  bicarbonate  (99.99  +%,  Aldrich)  was  used,  and  water 
was  purified  by  using  a Sybron/Bamstead  water  purification  system. 

Kinetics.  Sulfide  oxidations  were  carried  out  in  cosolvent/water  media.  Solutions 
containing  hydrogen  peroxide  and  ammonium  bicarbonate  were  allowed  to  pre- 
equilibrate for  approximately  20  minutes  prior  to  sulfide  addition.  This  ensures  pre- 
equilibration of  peroxycarbonate  formation  for  each  kinetic  run.  Reaction  conditions 
were  set  such  that  hydrogen  peroxide  was  in  large  excess  over  the  sulfide  and  the 
ammonium  bicarbonate  concentration  was  in  the  range  0-0.050  M.  Ionic  strength  was 
maintained  at  0.050  M (ammonium  phosphate),  and  the  pH  of  these  solutions  was 
controlled  at  8. 0-8. 4 using  an  Orion  Research  Digital  pH/Millivolt  Meter  611.  The  study 
was  carried  out  spectrophotometrically  using  Hewlett-Packard  8453  single  cell  or  multi 
cell  spectrometers  with  a temperature  control  of  ±0.1  °C.  Oxidation  of  sulfide  was 
followed  by  the  decreasing  absorbance  in  the  aryl  sulfide  peak  in  the  290-400  nm  range. 
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The  oxidized  products,  sulfoxide  and  sulfone,  do  not  absorb  in  this  region.42  Cells  with 
shorter  optical  paths,  e.g.,  0.2  cm  or  0.1  cm,  were  used  for  kinetic  measurements  in  1 - 5 
M hydrogen  peroxide  solutions  due  to  the  absorbance  of  hydrogen  peroxide  at  X ~ 290  - 
300  nm.  Hydrogen  peroxide  concentration  ranged  from  0.3-5  M in  cosolvent  /water 
(1.76:1)  media,  and  the  hydrogen  peroxide  (35  %)  was  standardized  frequently  by 
iodometric  titration  study. 

The  13C-NMR  studies  were  carried  out  on  a Gemini  300  MHz  or  a VXR  300  MHz 
NMR  instrument  to  obtain  equilibrium  constants  for  Equation  2.1  in  cosolvent/water 
solutions  at  25  ± 0.1  °C.  Hydrogen  peroxide  stock  solution  (2  M),  aqueous  solution  of 
99%  13C  enriched  sodium  bicarbonate  and  various  cosolvents  were  mixed  and  injected  in 
an  NMR  tube  immediately  before  each  measurement.  Variation  of  delay  parameter  dl 
from  5 to  15s  gave  integral  ratios  for  peaks  assigned  to  HCO3'  and  HCO4',  and  EtOCCV, 
indicating  that  the  relaxation  times  of  these  species  are  not  different;44  therefore, 
acceptable  l3C  NMR  spectra  were  obtained  with  dl  = 5 s and  16  acquisitions.  The 
equilibrium  constants  were  calculated  from  the  integrated  intensity  ratios  of  HCO3"  and 
HCO4',  or  HCCV  and  EtOCCV  (Figure  2-1).  A summary  of  equilibrium  constants  for  the 
formation  of  peroxycarbonate  and  ester  in  various  cosolvent/water  solutions  is  shown  in 
Table  2-1. 

Results  and  Discussion 

The  sulfide  was  added  to  pre-equilibrated  solutions  of  hydrogen  peroxide  and 
NH4HCO3  catalyst  at  the  start  of  the  reaction.  (NH4)2HP04  was  used  to  maintain  a 
constant  ionic  strength  and  to  set  a comparable  pH  in  the  background  kinetic  studies. 
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Methanol  as  cosolvent 

roco2‘ 


2.50 


THF  as  co-solvent 


Figure  2-1.  I3C-NMR  spectra  for  a solution  of  NaHl3C03  in  1.76:1  (v/v  cosolvent/water 
with  [H2O2]  = 2.0  M and  at  25°C. 
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Table  2-1.  Equilibrium  constants  for  K and  K’  in  various  cosolvent.3 


cosolvents 

K 

K’ 

methanol 

26 

4.4 

b ethanol 

27 

1.8 

isopropanol 

27 

0.05 

acetonitrile 

35 

- 

c tert- butyl  alcohol 

23 

- 

THF 

19.6 

- 

"Conditions  = 25  °C,  [NaHl3C03]  = 0.1  M,  [H202]  = 2.0  M,  cosolvent/  = 1.76:l(v/v),  b 
and  c = reference  44 

Reactions  were  usually  followed  for  at  least  1 half-life  (Figure  2-2),  but  in  cases 
where  the  peroxide  concentration  was  low  and  no  catalyst  added  only  a small  percentage 
(2-25  %)  of  the  reaction  could  be  recorded.  The  background  contribution  in  the  catalyzed 
reactions  was  small  (<  12%).  Pseudo-first-order  rate  constants  were  calculated  from 
linear  plots  of  In  A against  t (Figure  2-3). 

The  rate  of  oxidation  shows  a linear  dependence  on  bicarbonate  concentration 
(Figure  2-4).  The  increase  in  bicarbonate  concentration  will  shift  the  equilibrium  in 
Equation  2-1  to  the  right.  This  leads  to  an  increase  in  the  amount  of  active  oxidant, 
peroxycarbonate  in  the  system.  Hydrogen  peroxide  shows  a first-order  dependence  at 
low  concentration  (ki  path);  however,  at  high  concentration  of  hydrogen  peroxide  (>  1 
M)  hydrogen  peroxide  is  significantly  catalytic  (Figure  2-5),  and  this  is  interpreted  as  the 
ki  path  as  shown  later  in  Figure  2-14.  At  low  peroxide  concentrations  (<  0.3  M) 
chloroethyl  phenyl  sulfide  hydrolyses  to  p-hydroxyethyl  phenyl  sulfide,  hence  k)  could 
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not  be  measured  directly  and  was  obtained  from  nonlinear  regression  analyses  of  kinetic 
data. 

A mechanism  for  the  bicarbonate  activation  of  hydrogen  peroxide  is  given  in 
Equations  2-2  to  2-6,  (Equation  2-2  is  the  same  as  1-20).  With  the  assumption  that  the 
values  for  the  initial  concentration,  [ROH]0,  [H2O]0,  [H202]o  » [HCO3']0  and  [H2O2]0 
» [RSR], 


hco3  +h2o2  - 

■ HC04'  + H20  k{,  kT 

K 

(2-2) 

HC03"+  R"OH  - 

R0C02'  + H20 

K' 

(2-3) 

HC04'+RSR'  - 

► RS(0)R'  + HC03" 

k\ 

(2-4) 

HC04"+RSR’  + H202  ►RS(0)R,  + HC03'  + H202  k (2-5) 

RS(0)R'  + [O]  ► RS(0)2R' 

(2-6) 

The  rate  law  in  Equation  2-7  was  derived  from  the  above  mechanism. 


-d[RSR']  _ (*i  + ^[H202]o)  K [H202]o[HC03'][RSR'] 
dt  [H2O]0  + K[H2O2]0  +A^[R"OH]0 


^obs 


RSR' 


With  k0bs  = + ^[H202]q)  K [H202]q[HCQ3-]] 

[H20]o  + AT[H2O2]0  +/f[R"OH]0 


(2-7) 


(2-8) 


[HC04-][H20] 

[HC03-][H202] 


where  K 
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Figure  2-2.  Spectral  traces  for  the  oxidation  of  2 -hydroxy ethyl  phenyl  sulfide  by  H2O2 
and  HCO4  . Conditions:  25  °C,  [H2O2]  = 0.1  M,  [HCO3  ] = 0-0.05  M,  alcohohwater  = 
1.76:1. 
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Figure  2-3.  Kinetic  plot  for  the  oxidation  of  2-hydroxyethylphenyl  sulfide  by  HCO4'. 
Conditions:  25  0 C,  [H2O2]  = 0.1  M,  [HCO3]  = 0-0.04  M,  alcohohwater  = 1.76:1.  The  (•) 
represents  0.05  M HCO3",  (♦)  = 0.03  M HCO3'  and  (■)  = 0.02  M HCO3'. 
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Figure  2-4.  Plot  showing  bicarbonate  dependence  for  the  oxidation  of  2- 
chloroethylphenyl  sulfide  by  HCOf . Conditions:  25  0 C,  [H202]  = 0.3  M,  [HC03‘]  = 0- 
0.05  M,  alcohol : water  = 1.76:1  v/v. 
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Figure  2-5.  Plot  showing  peroxide  dependence  for  catalyzed  and  uncatalyzed  reactions 
for  the  oxidation  of  2-chloroethylphenyl  sulfide  by  HCOf  and  H2O2.  Conditions:  25  0 C, 
[H2O2]  = 0.3  M,  [HCO3"]  = 0-0.05  M,  alcohohwater  = 1.76:1  v/v.  The  (•)  represents 
HCO4"  reactions  and  (■)  represent  H2O2  reactions. 
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account  the  necessary  correction  for  the  uncatalyzed  reactions.  When  the  concentration 

of 

hydrogen  peroxide  is  low  (<  0.3  M),  the  k2  term  can  be  ignored. 

(^l  + ^2[H202]o)  ^[H202]o 

k = 7 (2-9) 

[H2O]0  + /f[H2O2]0  +K  [R"OH]0 

The  catalytic  rate  constants  k\  (Table  2-2)  were  calculated  by  substituting  for  K 
(K  where  necessary)  into  Equation  2-9,  noting  that  at  constant  peroxide  concentration  the 
[H2O2]  and  [cosolvent]  are  known.  The  rate  constant  k\  was  also  estimated  by  using  the 
nonlinear  regression  (chloroethyl  phenyl  sulfide,  CEPS).  The  non-linear  regression  was 
done  using  the  statistic  program,  SigmaPlot  2001  for  Windows  Version  7.0.  Values  for  K 
and  K were  obtained  from  13C  NMR  studies  (Figure  2-1  and  Table  2-1).  Under  certain 
conditions,  Equation  2-8  does  not  apply  and  a steady  state  rate  law  must  be  used: 

-d[RSR']  _ {kx  + ^[H20]o)W[H202]0[HC03-][RSR'] 

dt  £r[H20]  + *j[R2S]  (l  + K'  [ROH]\  + [H202]  (2'10) 

k{  V [H20]  / 

When  kr  » &i[RSR],  Equation  2-10  reduces  to  Equation  2-7.  In  such  case  a pre- 
equilibrium condition  applies,  wherein  K=  kf/kT  and  the  reaction  of  Equation  2-2  is  rapid 
compared  to  the  k\  step. 

A graphical  representation  of  kobs  as  a function  of  [H202]  and  [HCO3']  for  the 
CEPS  system  is  shown  in  Figure  2-4.  The  mesh  represents  the  fit  to  Equation  2-9  and  the 
points  are  the  experimental  data.  Rate  constants  for  the  oxidation  of  sulfides  by 
peroxycarbonate  were  found  to  be  ~ 300  times  greater  than  that  for  the  uncatalyzed 
reactions  for  several  aryl  sulfides  (Table  2-2). 
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Numerical  Simulation 

Peroxycarbonate  formation  in  ethanol/water  mixture  occurs  in  approximately  30 
minutes.44,49  Since  the  oxidation  of  these  sulfides  is  slow  relative  to  peroxycarbonate, 
depletion  of  the  oxidant  is  not  significant  during  this  oxidation  process  (Figure  2-7).  The 
simulated  concentration  vs.  time  profile  shows  ~ 95%  oxidation  of  chloroethyl  phenyl 
sulfide. 

Solvent  Correlation 

An  increase  in  the  water  content  of  the  water/alcohol  medium  leads  to  an  increase  in  the 
rate  of  both  reactions  despite  the  resulting  shift  of  Equation  2-1  to  the  left.  A fit  to  the 
Grunwald-Winstein  equation  (Figure  2-8)61  (log  k = mY  + log  k\)  gives  an  m value  of 
0.46  which  is  lower  than  the  value  ( m = 0.722)6“  reported  for  the  periodate  oxidation  of 
methyl  phenyl  sulfide.  The  ki  values  (Table  2-3)  are  used  in  the  fit,  and  the  effect  of 
varying  the  water  content  on  equilibrium  of  Equation  2-1  has  been  factored  out. 

The  larger  m value  obtained  for  the  periodate  system  implies  that  the  transition  state  is 
more  polarized  than  that  of  the  corresponding  peroxycarbonate  reaction.  This  therefore, 
implies  a greater  charge  separation  in  the  transition  state  Figure  2-9  for  the  periodate 
oxidation  as  Y is  a measure  of  solvent  stabilization  of  charge  separation  in  the  transition 
state. 

The  Y reflects  the  ability  of  the  solvent  to  stabilize  transition  states.  The  rate 
determining  step  for  the  solvolysis  of  t-butyl  chloride  is  ionization  to  the  cationic 
intermediate  (Figure  2-9  A),61  and  depends  on  the  ionizing  power  of  the  solvent.  Since 
there  is  complete  charge  separation  in  the  transition  state,  a ‘m’  value  of  1 is  expected.  In 
Figure  2-9  C,  there  is  larger  charge-separation  in  the  transition  state  compared  to  that  in 
Figure  2-9  B,  hence  the  lower  ‘m’  value  observed  for  the  peroxycarbonate  oxidation. 


k0bs/s 
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Figure  2-6.  A 3D  plot  of  the  fit  of  Equation  2-9  (mesh  plot)  to  the  observed  catalytic 
first-order  rate  constant  kobs  (•)  as  a function  of  [H202]  and  [HC03]  ( [H20]  = 20  M, 
[t-BuOH]  = 10.3  M for  this  fit).  The  data  are  for  the  oxidation  of  chloroethylphenyl 
sulfide  in  tert-butyl  alcohol/water  (1.76:1,  v/v)  at  25  °C. 
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Table  2-2.  Kinetic  parameters  for  the  sulfides  studied3 


Substrate 


Solvent  lO^pi/M-'s'1  lO^/M'V'  k\/k0\ 


EtOH/HjO  8.0  ± 0.5 

t-Bu0H/H20  2.5  ±0.7 


19  ± 1 240 

1 1 ± 1 440 


Et0H/H20  1.3  + 0.7  3.5  1 0.5  230 


Et0H/H20  4.3  1 0.7  12  ± 1 280 


Et0H/H20  19.0  1 2.3  49.2  11.2  253 


Et0H/H20  7.3  1 1.6  22.8  1 0.8  312 


Et0H/H20  4.9  1 1.2  1 1.4  1 0.6  233 


Et0H/H20  1.3  1 0.2  3.78  1 0.08  291 


Et0H/H20  0.4  0 1 0.04  1.30  1 0.03  325 


ko,  is  the  background  rate  constant  (H202  + S ->  H20  + SO) 
k,  is  the  catalytic  rate  constant  (HC04'  + S ->  HC03‘  + SO) 

Conditions:  [HC03"]  = 0-0.05  M , 0 = 25  °C,  solvent  composition  = (1.76:1  v/v  alcohol/H20) 
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Figure  2-7.  Numerical  simulation  of  the  oxidation  of  CEPS  by  H202  catalyzed  by  HC03' 
as  described  in  Equations  2-2,  2-4,  2-5.  The  numerical  simulation  was  done  using  Kinetic 
99,  a program  licensed  to  D.E.  Richardson,  University  of  Florida  1 999. 
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Table  2-3.  Dependence  of  EPS  BAP  oxidation  rates  on  solvent  composition3 


Solvent  composition  (v/v) 

105£oi/MV 

io5&so/mV 

lO^i/M'V1 

80:20  H20/t-BuOH 

41 

690 

140 

70:30  H20/t-BuOH 

19 

320 

57 

50:50  H20/t-BuOH 

5.9 

140 

33 

40:60  H20/t-BuOH 

4.6 

120 

12 

70:30  H20/EtOH 

58 

720 

145 

60:40  H20/EtOH 

22 

344 

66 

50:50  H20/EtOH 

14 

264 

48 

40:60  H20/EtOH 

6.8 

153  ±8 

26+1 

40:60  D20/EtOD 

4.2 

102  ±9 

17  ± 2 

Conditions:  25  0 C , [H2O2]  - 0.1  M,  [HCO3']  = 0-0.05  M,  alcohoEwater  =1.76:1  v/v. 
Errors  shown  are  95  % confidence  levels. 


The  trend  in  oxidation  rates  for  ethyl  phenyl  sulfide  (EPS)  was  examined  as  a 
function  of  co-solvent  used  in  the  mixed  aqueous  reaction  medium.  A plot  of  log  k\ 
against  the  Kirkwood  solvent  dielectric  parameter63  gave  a positive  slope  (Figure  2-10), 
which  is  indicative  of  a transition  state  that  is  more  polar  than  the  reactants.  Increasing 
the  polarity  of  the  solvent,  as  measured  by  the  static  dielectric  constant,  results  in  an 
increase  in  the  rate  of  oxidation  of  sulfides  (Table  2-4).  An  increase  in  rate  in  a polar 
medium  is  expected  for  displacement  reactions  involving  an  uncharged  nucleophile 
(sulfide)  and  an  ionic  leaving  group  (carbonate). 64 
Hammett  Correlation 

Changing  the  para  substituent  on  an  aryl  sulfide  from  an  electron  donating  group, 
such  as  -OMe  to  one  which  is  electron  withdrawing  such  as  -CN,  leads  to  a decrease  in 
the  value  of  ki  (Table  2-2). 
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Figure  2-8.  Variation  of  catalytic  rate  constants  for  EPS  oxidation  in  solutions  of  different 
water/ethanol  composition  plotted  vs  the  Grunwald-Winstein  constant  Y.  Conditions:  25 
°C,  [H2O2]  = 0.1  M,  [HCO3']  = 0-0.05  M.  The  (•)  represents  HCO4'  reaction,  (■) 
represents  H2O2  reaction  and  (o)  represents  periodate  reaction. 
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Figure  2-9.  Solvent  stabilization  of  transition  state 
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Table  2-4.  Dependence  of  catalytic  rate  constant,  k\  on  dielectric  constant3 


Solvents 

ioVmV 

{(e-l)/(2e  + 1)} 

MeOH 

46 

0.477 

CH3CN 

19.5 

0.480 

EtOH 

26 

0.470 

/-PrOH 

13.4 

0.460 

t-butanol 

11.3 

0.442 

THF 

1.93 

0.405 

aConditions  : 25  0 C , [H2O2]  - 0.10  M,  [HCO3  ] = 0-0.05  M,  co-solvent: water  = 

1.76:1  v/v. 

A Hammett  plot  was  made  (Figure  2-11)  to  determine  the  correlation  coefficient  (p 
= -1.4  ± 0.2).  An  electron  donating  group  accelerating  the  rate  of  oxidation  is  consistent 
with  stabilizing  the  build  up  of  positive  charge  on  the  sulfur  in  the  transition  state. 

Similar  result  was  reported  for  the  oxidation  of  para-substituted  methyl  phenyl  sulfide  by 
periodate  (p  = -1.4)62  suggesting  that  both  systems  have  similar  charges  at  the  sulfur  in 
the  activated  complex.  Bunton  et  al65  reported  a lower  value,  (p  = -1.0)  for  the  oxidation 
of  sulfides  with  peroxymonosulfate. 

Activation  Parameters 

The  temperature  dependence  for  the  oxidation  of  ethylphenyl  sulfides  (EPS)  was 
studied  at  various  temperatures  (15-25  °C)  in  60:40  v/v  tert- butyl  alcohol/water.  An 
Eyring  plot  (Figure  2-12),  ln(k]/T)  vs  1/T,  was  constructed  using  the  second-order  rate 
constants,  kj.  The  enthalpy  of  activation  (AH'4  = 38  ± 1 kJ  mof1)  and  the  entropy  of 
activation,  ( AS * = 38  ± 1 J mof1  K'1)  were  obtained  from  the  regression  analysis. 
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(e-i)/(28+i) 


Figure  2-10.  Variation  of  catalytic  rate  constant,  k\  for  EPS  oxidation  for  different 
cosolvents.  Conditions:  25  0 C , [H202]  = 0.10  M,  [HC03  ] = 0-0.05  M,  cosolvent:water 
= 1.76:1  v/v. 
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Figure  2-11.  Effect  of  substituents  on  the  catalytic  rate  constant  k\  for  EPS  oxidation  by 
peroxycarbonate.  Conditions:  25  0 C , [H202]  = 0.10  M,  [HC03']  = 0-0.05  M, 
Ethanohwater  = 1.76:1 
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An  Eyring  analysis  was  also  done  on  the  background  (H2O2)  reaction.  Activation 
parameters  were  calculated  to  be  AH*  = 55  ± 5 kJ  mol'1  and  a AS*  = -145  ± 17  J mol'1  K' 
'as  shown  in  Table  2-5. 

The  activation  parameters  obtained  in  60:40  v/v  ter/-butyl  alcohol/water  medium 
were  compared  with  the  activation  parameters  of  higher  water  content  (30:70  v/v  tert- 
butyl  alcohol/water).  The  enthalpy  and  entropy  of  activation  for  the  system  did  not 
change  significantly  with  an  increase  in  the  water  content.  Although  the  reaction  rate  was 
approximately  five  times  higher  in  the  higher  water  medium,  the  increase  could  not  be 
associated  with  enthalpy  or  entropy  terms  with  any  statistical  significance.  However,  the 
increase  in  reactivity  appears  to  be  associated  with  a less  negative  negative  entropy  of 
activation  in  the  higher  water  reaction.  The  thermodynamics  of  this  system  are 
comparable  to  those  of  the  periodate62  and  peroxymonosulfate,  suggesting  similar 
mechanisms.65  (Table  2-5)  In  all  cases  the  entropy  values  were  largely  negative,  and  this 
is  expected  for  a bimolecular  reaction. 

Solvent  Isotope  Effect 

Studies  were  done  on  several  aryl  sulfides  having  /^-substituted  electron  donating  or 
withdrawing  groups.  The  catalyzed  reaction  gave  values  for  the  solvent  isotope  effects 
(kn/ku)  in  the  range  of  1.50  - 1.52,  with  the  exception  of  the  electron  donating  species,  1- 
methoxy-4-(methylthio)benzene,  having  a value  of  kn/ku=  1.10  ± 0.25  (Table  2-6). 
However,  the  95%  confidence  interval  on  the  value  of  the  isotope  effect  is  large,  and  the 
result  must  be  interpreted  with  caution.  These  results  suggest  that  there  is  proton  transfer 
involving  the  solvent  in  the  transition  state.  Also,  most  aryl  sulfides  have  comparable 
hydrogen  transfer  in  the  transition  state. 
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Table  2-5.  Activation  parameters  for  the  oxidation  of  aryl  sulfides3 


catalyst 

Solvent 

AH*  kJ/mol 

AS*  J/mol  K 

Peroxycarbonate  (EPS) 

60:40  t-BuOH/H20 

38  ± 1 

-154  + 4 

Peroxycarbonate  (EPS) 

30:70  t-BuOH/H20 

37  ±3 

-146+11 

H202  (EPS) 

60:40  t-BuOH/H20 

55  + 5 

-145  ± 17 

H202  (EPS) 

30:70  t-BuOH/H20 

59  + 2 

-119  + 7 

Periodateb  (MPS) 

65:35  EtOH/H20 

47+1 

-113  + 4 

Peroxymonosulfate  C(MPS) 

95:5  H20/CH3CN 

17.5  + 0.2 

-132.0  + 0.3 

"Conditions:  15  -35°  C,  [H202]  = 0.10  M,  [HCOf]  = 0 - 0.05  M,  t-BuOH:water  =1.76:1 
v/v.  Errors  shown  are  quoted  as  standard  error.  MPS  = methyl  phenyl  sulfide,  EPS  = 
ethyl  phenyl  sulfide,  b = reference  62,  c = reference  65 

A solvent  isotope  effect  of  k\\lku  = 1 .67  was  obtained  for  the  oxidation  of 
ethylphenyl  sulfide  by  hydrogen  peroxide.  In  this  study  we  observed  values  for 
ku/kr,  in  the  range  of  1.42  - 1.67  for  all  the  aryl  sulfides  studied  (Table  2-6).  These  results 
are  comparable  to  that  found  for  the  oxidation  of  thioxane  (kn/ko  = 1 .68). 66  The  solvent 
isotope  effect  will  include  changes  in  the  solvent  as  well  as  any  effect  associated  with  the 
deuteration  of  peroxycarbonate,  HCOf , as  DCOf  will  be  formed  by  the  H/D  exchange 
in  D20/EtOD  media.  The  peroxide  - OOH  , solvent  ROH  (R=Et,  H)  or  both  can  be  the 
hydrogen  donors  producing  the  isotope  effect.  However,  hydrogen  transfer  from  the 
solvent  to  HCOf  and  from  HCOf  to  the  solvent  is  not  expected  to  be  extensive  in  the 
transition  state  due  to  the  weak  acidity  of  these  solvent  and  the  high  acidity  of  their 
conjugate  acids.  The  pKa  of  HCOf  is  = 10.6,  pKa  of  H2C04  = 4 and  pKa  of  ROH  = 15- 
20.  The  O-H  stretching  frequencies  of  the  reactant  are  in  the  range  3300-3700  cm'1, 
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Figure  2-12.  Eyring  plot  showing  In  (k/T)  vs  1/T.  Conditions  : 15-35  0 C , [H202] 
0.10  M,  [HC03‘]  - 0-0.05  M,  LWC  = 60:40  t-BuOH/water,  HWC  = 30:70  t- 
BuOH/water. 
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Table  2-6.  Solvent  isotope  effect  for  various  aryl  sulfides3 


Substrates 

kH/kD  (uncatalyzed) 

kn/ko  (catalyzed) 

1 -methoxy-4-(methylthio)benzene 

1.6  3 + 0.46 

1.10  + 0.25 

ethyl  phenyl  sulfide 

1.67  + 0.10 

1.50  + 0.15 

methyl  phenyl  sulfide 

1.42  + 0.26 

1.51+0.07 

4-(methylthio)benzonitrile 

1.45  + 0.39 

1.52  + 0.24 

methyl-4-nitrophenyl  sulfide 

- 

1.5  ±0.3 

Conditions:  25  0 C , [H2O2]  = 0.10  M,  [HCO3']  = 0-0.05  M,  ethanokwater  =1.76:1  v/v. 
ku  and  ko  values  are  derived  from  kso  values,  Equation  2-8,  assuming  ^[EhCh]  is 
negligible.  Errors  shown  are  95  % confidence  levels. 

therefore,  the  maximum  primary  isotope  effects  for  the  O— H— O transfers  are  high  (~  10- 
15) 47 

By  using  Schowen’s  model67  we  can  examine  the  x value,  which  represents  the 
extent  of  H transfer  in  the  transition  state,  with  values  ranging  from  0 to  1 . When  x = 0 
the  reactant  and  the  transition  state  are  identical  in  structure,  and  no  isotope  effect  will 
result  (kH/kD  ~ 1 .0).  However,  when  x = 1 the  products  and  the  transition  state  are 
identical.  In  our  system  the  extent  of  the  transfer  in  the  transition  state  is  expected  to  be 
low,  hence  the  low  value  of  kn/kD  ~1.5. 

Four  possible  structures  are  shown  below  to  provide  explanation  for  the  origin  of 
the  solvent  isotope  effect.  Structure  A shows  the  protonation  of  the  leaving  carbonate  by 
water  or  alcohol,  which  assists  the  displacement  by  the  sulfide.  However,  proton  shift  is  a 
strongly  disfavored  process  due  to  the  weak  acidity  of  the  solvents.  Another  possible 
contributor  to  the  solvent  isotope  effect  is  shown  in  structure  B,  in  which  the  solvent 
accepts  a proton  from  the  peroxide.  Only  a small  primary  isotope  is  expected  given  the 
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low  extent  of  proton  transfer  expected  in  the  transition  state  given  that  the  conjugate  acid 
of  the  peroxide  is  more  basic  than  the  protonated  solvent  (ROH).  The  concerted 
mechanism  shown  in  structure  C avoids  significant  charge  separation  as  described  in  A 
and  B.  Structure  C is  a five  membered  transition  state  and  is  analogous  to  the 
epoxidation  of  alkene  by  peracids68  in  aprotic  solvents.  A small  primary  isotope  effect 
was  observed  for  the  peracid  epoxidation  reactions. 

Transition  states  for  oxygen  transfer 

Sulfide  oxidation  by  periodate  ion  has  been  described62, 69  as  the  nucleophilic  attack 
of  the  sulfur  on  the  periodate  oxygen  resulting  in  the  displacement  of  iodate  ion 
(Equation  2-11). 

R2S:  0=103  RRS+0  + IO3  (2-11) 

Whereas,  sulfide  oxidation  by  peroxomonosulfate65  can  be  described  as  Equation  2-12. 

A similar  model  has  been  proposed  for  sulfide  oxidations  by  peroxycarbonate.  We  have 
suggested  that  in  protic  solvent  the  solvent  will  assist  in  the  nucleophilic  displacement  of 
the  carbonate  (Equation  2-13). 


r2sOo-oso3- 
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R2SO  + HS04' 


(2-12) 


When  studies  are  carried  out  in  aprotic  solvents  a five-membered  transition  state  might 
apply  (Equation  2-14). 
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RRSO  + HC03'  + ROH  (2-13) 
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t 

► RRSO  + HCCV  (2-14) 

Hanzlik  and  Shearer68  have  proposed  a five-membered  transition  state  for  epoxidation  by 
peracids  in  aprotic  solvents.  A small  primary  peracid  isotope  effect  ( k\\lkv=  1.17)68  was 
reported  for  such  studies. 

For  sulfide  oxidations  by  peroxycarbonate,  we  have  observed  small  primary  isotope 
effects  in  the  range  1.10  -1.52.  The  larger  value  obtained  for  the  peroxycarbonate  system 
may  result  from  the  fact  that  peroxycarbonate  is  a stronger  intramolecular  base  than 
peracid  and  carbonate  ion  is  a poorer  leaving  group  than  RCO2".  Therefore,  a five- 
membered  transition  state  (Equation  2-14)  can  also  be  used  to  describe  the  mechanism  by 
which  these  sulfides  are  oxidized  by  peroxycarbonate  ion.  In  Figure  2-14,  a molecular 
interpretation  of  the  catalytic  pathways  is  shown.  The  ki  path,  which  is  considered  to  be 
the  solvent  assisted  pathway,  describes  the  displacement  of  the  carbonate  from  the 
peroxycarbonate  with  proton  transfer  from  the  solvent.  In  aprotic  solvents  a five 
membered  transition  state  may  be  considered  as  described  in  previous  paragraph.  At  high 
concentration  of  peroxide  the  k2  path  becomes  apparent,  and  is  described  as  the  general 
acid  catalyzed  reaction.  Here  the  peroxide  serves  as  a proton  donor  to  assist  in  the 
displacement  of  the  carbonate,  HCO3'  from  the  peroxycarbonate,  HCO4".  The  pKa  of 
hydrogen  peroxide  is  1 1 .7  compared  to  the  pKa  of  the  solvent,  which  is  15-20.  Therefore, 
the  hydrogen  will  more  likely  be  transferred  from  the  peroxide. 
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Figure  2-13.  Proposed  Transition  States 
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Conclusions 

Peroxycarbonate  ion  has  been  found  to  be  an  effective  oxidant  in  the  oxidation  of  sulfides 
to  sulfoxides  and  sulfone.  Rate  constants  for  the  catalyzed  reactions  are  ~ 300  higher 
than  the  rate  constants  for  the  uncatalyzed  reactions.  The  mechanism  describes  a 
bimolecular  type  reaction,  wherein  there  is  a Sn2  attack  by  the  nucleophilic  sulfur  on  the 
peroxycarbonate  oxygen  with  the  displacement  of  carbonate.  Hammett  correlations, 
variation  of  solvent  composition  and  kinetic  isotope  effects  have  suggested  a charge- 
separated  transition  state  relative  to  the  ground  state,  with  an  increase  of  positive  charge 
on  the  sulfur  (Figure  2-15).  If  the  solvent  is  aprotic  we  have  suggested  a five-membered 
transition  state,  which  allows  for  the  Sn2  displacement  of  the  carbonate  without  solvent 
assistance. 
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Figure  2-14.  Proposed  mechanisms  for  the  ki  and  k2  paths. 
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Figure  2-15.  Transition  state  for  sulfide  oxidation 


CHAPTER  3 
ALKENE  OXIDATIONS 


Introduction 

The  transfer  of  an  oxygen  atom  is  one  of  the  most  important  biological 
transformations  and  is  quite  useful  in  synthetic  organic  chemistry.  Generally, 
oxidation  reactions  are  catalyzed  by  metals72  or  main  group  catalysts.73  Due  to  the 
important  nature  of  this  oxidative  process  many  catalytically-active  transition  metals  have 
been  extensively  studied,  including  high-valent  d°  metals,  such  as  Mo(Vl),  V(V)  and  Ti 
(IV),  which  catalyze  the  epoxidation  of  alkenes74  by  peroxides.  For  example,  hydrogen 
peroxide  reacts  with  methylrhenium  trioxide,75  generating  mono  and  bis-peroxides. 76,77 
Both  species  are  efficient  oxygen  donors  (Figure  3-1),  transferring  oxygen  to  various 
nucleophiles  (such  as  R2S)  allowing  significant  rate  enhancements  compared  to 
reactions  involving  hydrogen  peroxide  with  no  added  catalyst. 
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Figure  3-1  General  mechanism  for  MTO  oxidation 
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Oxo-ligands  transfer  in  oxometalloporphyrin  systems,  such  as  MoVI(TPP)(0)2  and 
FeIV(TPP)(0)  have  also  been  reported  in  the  literature.79'80  The  limitations  of  metal 
activators  includes:  (1)  the  toxic  nature  of  these  metals,  (2)  separation  of  products  from 
reaction  mixtures,  and  (3)  low  solubility  of  metal  catalysts. 

Peracids  are  an  example  of  main-group  activated  peroxides.  The  rate  of  epoxidation 
decreases  as  the  size  of  the  peracid  increases.81  Another  interesting  feature  of  these 
epoxidation  reactions  is  that  the  rate  increases  with  electron  donating  groups  on  the 
alkenes  and  electron  withdrawing  groups  on  the  peracids.  Epoxidation  of  aliphatic 

compounds  by  peracids  is  dependent  on  the  length  and  conformation  of  the  hydrocarbon 
chain  of  these  organic  compounds.82  In  addition,  functional  groups  solvated  at  a distance 
from  the  reaction  center  influence  the  pseudo-first-order  rate  constants  for  these 
epoxidation  reactions. 

Several  mechanisms  have  been  proposed  for  alkene  epoxidation  by  peracids,  but 
there  is  controversy  concerning  the  most  appropriate  mechanism.  In  fact,  no  mechanism 
encompasses  all  results,  such  as:  (1)  the  influence  of  the  solvent,  (2)  the  formation  of 
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rearranged  products,  and  (3)  the  induced  decomposition  of  peracids  by  alkenes. 

Bartlett’s  model,  as  shown  in  Chapter  1,  describes  a symmetric  transition  state  and  has 
been  the  most  widely  accepted  mechanism;  however,  Hanzlik  and  Shearer  in  their  study 
have  proposed  an  asymmetric  transition  state,  in  which  partial  charges  are  on  the  carbon 
atoms.  Several  ab  initio  molecular  orbitals  studies  have  suggested  that  the  asymmetric 
transition  states  are  energetically  more  favorable  than  symmetric  transition  states  ' but 

87 

not  by  a large  margin. 
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Peroxycarboxymidic  acid,  a peracid  analogue,  is  formed  from  the  reaction  between 
hydrogen  peroxide  and  acetonitrile  in  basic  conditions  (Equation  3-1),  and  has  been 
effective  in  oxidizing  alkenes  (Equation  3-2). 88 


H202  + 


RCN 


OH' 
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NH 


II 

R— C-OOH 


(3-1) 


NH 
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R— C-NH2 


(3-2) 


In  the  absence  of  a substrate  the  peroxycarboxymidic  acid  reacts  with  hydrogen  peroxide 
generating  amide,  oxygen,  and  water  in  the  process  (Equation  3-3).  At  high  pH  levels 
peroxide  oxidation  increases,  and  the  yield  of  epoxide  decreases.88 

NH  O 

II  II 

R—  C-OOH  + H202  ► R — C— NH2  + 02  + H20  (3-3) 

The  rate  of  disappearance  of  hydrogen  peroxide  is  essentially  independent  of  the  alkene 
structure;  therefore,  the  slow  step  in  this  process  is  the  formation  of  the  peroxy- 
carboxymidic acid,  which  rapidly  reacts  with  any  available  nucleophile. 

Although  significant  advances  have  been  made  in  identifying  catalysts  for 
peroxide-based  oxidations,  several  challenges  remain.  These  include  (1)  high  selectivity, 
(2)  rapid  conversion  rates,  and  (3)  finding  an  environmentally  friendly  system.  Hydrogen 
peroxide  reacts  with  bicarbonate,  in  aqueous  solution  and  cosolvent/water  mixtures, 
forming  peroxycarbonate  (Equation  3-4). 42 


HC03'  + H202 


HC04'  + H20 


(3-4) 
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The  work  here  focuses  on  mechanistic  studies  for  these  epoxidation  reactions.  Detailed 
kinetic  investigations  are  discussed  in  hopes  of  identifying  the  mechanism  of  alkene 
epoxidation  by  peroxycarbonate  and  characterizing  the  transition  state  species. 

Experimental  Section 

Materials.  Hydrogen  peroxide  (35%)  was  purchased  from  Sigma-Aldrich.  Styrene 
(Fisher),  p-vinyl  benzene  sulfonic  acid  (Fluka)  and  p-vinyl  benzoic  acid  (Aldrich)  were 
purchased  as  analytical  grade  and  used  without  further  purification.  HPLC  grade 
acetonitrile  (Fisher),  Ethanol  (AAPER),  ter/-butyl  alcohol  (Aldrich),  and  THF  (Fisher) 
were  purchased  and  used  without  further  purification.  Ammonium  bicarbonate, 
ammonium  phosphate  (Sigma-Aldrich),  sodium  bicarbonate,  sodium  phosphate  dibasic, 
and  sodium  phosphate  monobasic  (Fisher)  were  purchased  as  analytical  grade  and  used 
without  further  purification.  Diethylenetriaminepentaacetic  acid  (Sigma-Aldrich)  and 
manganous  sulfate  (Fisher)  were  purchased  and  used  without  further  purification.  Water 
was  purified  by  using  a Sybron/Bamstead  water  purification  system. 

Kinetics.  Alkene  oxidations  were  carried  out  in  cosolvent/water  and  aqueous 
media.  Solutions  containing  hydrogen  peroxide  and  ammonium  bicarbonate  or  sodium 
bicarbonate  were  allowed  to  pre-equilibrate  for  approximately  25-45  minutes  prior  to  the 
addition  of  the  substrate.  This  ensures  pre-equilibration  of  peroxycarbonate  formation  for 
each  kinetic  run.  Hydrogen  peroxide  was  added  in  large  excess  over  the  alkenes  and  the 
ammonium  bicarbonate  concentration  was  in  the  range  0.25-1.0  M.  Ionic  strength  was 
maintained  at  1 .0  M (ammonium  phosphate  or  sodium  phosphate  dibasic  and 
monobasic),  and  the  pH  of  these  solutions  was  controlled  at  8. 0-8. 4 using  an  Orion 
Research  Digital  pH/Millivolt  Meter  611.  The  study  was  carried  using  Prostar  Varian 
HPLC  consisting  of  a HPLX  solvent  delivery  system,  and  100  pL  injections  were  used 
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for  sample  analysis.  A Varian  Prostar  detector  was  used  for  substrate  detection.  The 
column  was  a 25  cm  x 4.6  mm  Cig  column  packed  with  5 pM  endcapped,  metal-free 
particles  (Supelco  Discovery)  with  a 2-cm  guard  column  of  the  same  materials.  The 
software,  prostar  chromatography  workstation  version  5.52  was  used  to  record  the 
chromatograms,  and  peak  areas  were  used  for  quantification.  The  mobile  phase  consisted 
of  the  ion-pairing  reagent,  tetrabutyl  ammonium  chloride  in  20  % acetonitrile. 

Aliquots  were  taken  from  reaction  mixtures  over  time,  and  reactions  were  quenched 
by  adding  catalase.  Reactions  were  monitored  by  the  decrease  in  absorbance  of  the  alkene 
peak  at  235  nm.  Hydrogen  peroxide  concentration  ranges  from  0.05-1.5  M and  the 
hydrogen  peroxide  (35  %)  was  standardized  frequently  by  iodometric  titration  study. 

The  l3C-NMR  studies  were  carried  out  on  a Gemini  300  MHz  or  a VXR  300  MHz 
NMR  instrument  to  perform  equilibrium  studies  at  5 ± 0. 1 °C.  Hydrogen  peroxide  stock 
solution  (1. 0-2.0  M),  0. 5-1.0  M of  99%  13C  enriched  sodium  bicarbonate  were  mixed  and 
injected  in  an  NMR  tube  immediately  before  each  measurement.  Sodium 
peroxycarbonate  (1.0  M)  and  dipotassium  peroxodicarbonate  (1.0  M)  were  dissolved  in 
ice  cold  water  immediately  before  each  measurement.  Variation  of  delay  parameter  dl 
from  5 to  15s  gave  integral  ratios  for  peaks  assigned  to  HC03',  HCOf,  and  EtOCCV, 
indicating  that  the  relaxation  times  of  these  species  are  not  different;44  therefore, 
acceptable  l3C  NMR  spectra  were  obtained  with  dl  = 5 s and  16  acquisitions.  In  the  case 
of  dipotassium  peroxodicarbonate,  the  labeled  form  was  not  made,  hence  suitable  l3C 
NMR  spectra  were  obtained  with  delay  time  of  5 s and  1000  acquisitions. 

Alkene  oxidations  by  peroxycarbonate  occur  significantly  in  acetonitrile/water 
solutions;  however,  the  oxidant  decomposes  slowly  in  this  medium  (Figure  3-2).  A 
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possible  explanation  for  this  behavior  is  that  the  oxidant  is  reacting  with  acetonitrile  to 
form  compound  X (Equation  3-5). 
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R — C— NH2  + 2C02  + 202  (3-6) 


compound  X 

This  explanation  somewhat  coincides  with  Payne’s  work,  wherein  peroxycarboxymidic 
acid  was  formed  in  acetonitrile  peroxide  medium.  Compound  X is  not  stable  and  further 
reacts  with  peroxycarbonate,  to  produce  carbon  dioxide,  oxygen,  acetamide 
(Equation  3-6). 

Oxidation  reactions  were  further  investigated  in  other  co-solvent/water  solutions 
to  find  an  appropriate  medium  for  these  reactions.  The  findings  showed  that  rates  of 
oxidation  in  these  co-solvent/water  solutions  were  much  slower  than  in  the 
acetonitrile/water  medium.  In  cases  where  the  co-solvents  were  alcohols,  reaction  rates 
were  completely  inhibited.  Peroxycarbonate  decomposition  also  occurs  in  these  solutions, 
such  as  dioxane  (Figure  3-3)  and  tetrahydrofuran,  but  at  a slower  rate. 

The  deduction  is  that  the  peroxycarbonate  decomposition  is  solvent  dependent  and 
may  arise  from  the  peroxycarbonate  reacting  with  the  cosolvent  to  generate  a less  stable 
intermediate,  as  seen  in  acetonitrile/water  medium,  or  possibly  by  a medium  effect 
through  coordination  with  the  co-solvent  leading  to  an  unreactive  intermediate. 
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Figure  3-2.  Plot  showing  hydrogen  peroxide  decomposition.  Conditions  :1.8  M H202, 
0.50  M NH4HCO3, 1 = 1.0,  60/40  acetonitrile/water.  The  (•)  is  the  HCO4'  reaction  and 
(■)  is  the  H2O2  reaction. 
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Figure  3-3.  Plot  showing  hydrogen  peroxide  decomposition  Conditions  :1.0  M H202, 
0.50  M NH4HCO3, 1 = 1.0,  60/40  dioxane/water.  The  (•)  is  the  HCO4'  reaction  and  (■)  is 
the  H202  reaction. 


An  attempt  to  study  the  kinetics  for  alkene  oxidations  in  co-solvent/water  solutions 


proved  to  be  complicated  due  decomposition  of  peroxycarbonate,  hence  the  study  was 
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performed  in  aqueous  media.  We  found  that  decomposition  in  aqueous  media  was 
negligible  (Figure  3-4),  and  rates  were  much  more  enhanced  compared  to  the  co-solvent 
/water  solutions. 

Results  and  Discussion 

The  water-soluble  alkenes  studied  (p-vinylbenzene  sulfonate  and  p-vinyl  benzoate) 
are  ionic  compounds,  and  the  method  used  to  analyze  these  oxidation  reactions  was  ion- 
pair  reverse-phase  HPLC.  An  ion-pairing  reagent  is  added  to  the  mobile  phase  to  retard 
the  flow  of  the  analyte  (substrate)  through  the  column;  otherwise,  the  substrate  will  elute 
in  the  void  volume.  When  the  ion-pairing  reagent  flows  through  the  column,  it  adheres  to 
the  Cl  8 beads  by  a hydrophobic  interaction.  Injection  of  the  analyte  on  to  the  column 
results  in  the  retardation  of  its  flow  due  to  the  electrostatic  interaction  between  tetrabutyl 
ammonium  cations  and  the  analyte  anions  (Figure  3-5),  thus  separation  is  achieved. 

It  is  necessary  to  destroy  the  peroxide  or  any  peroxy-species  in  solutions  prior  to 
obtaining  kinetic  information.  Catalase  was  added  to  aliquots  of  reaction  mixture  at 
various  times  to  quench  the  oxidation  reactions.  Catalase,  a heme-containing  enzyme, 
catalyses  the  disproportionation  of  hydrogen  peroxide.  (Figure  3-6)  The  general 
mechanism  involves  the  reaction  of  Fe111  species  of  the  active  site  with  hydrogen 
peroxide,  generating  the  Felv-oxo  radical  and  water.  The  Felv-oxo  radical  species  will 
further  react  with  another  molecule  of  hydrogen  peroxide,  generating  the  Fe111  species, 
water  and  molecular  oxygen  (Figure  3-7).  Therefore,  two  molecules  of  hydrogen 
peroxide  are  incorporated  into  the  cycle  generating  two  molecules  of  water  and  molecular 


oxygen  (Equation  3-7). 
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Figure  3-4.  Plot  showing  peroxide  decomposition  in  aqueous  medium  Condition  :0.10  - 
1.0  M H202,  0.50  M NH4HCO3, 1 = 1.0,  100%  H20.  Decomposition  studies  were  done  at 
low  and  high  peroxide  concentrations. 
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Figure  3-5.  Separation  of  analytes  using  ion-pairing  reagent.  The  ion-pair  reagent 
adheres  to  the  C- 1 8 beads  via  hydrophobic  interaction.  The  analyte  anion  interacts  with 
the  cation  of  the  ion-pairing  reagent  via  electrostatic  interaction. 


66 


Figure  3-6.  Plot  showing  hydrogen  peroxide  disproportionation  by  catalase. 
Conditions:  0.2  M H202,  100  % H20 
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Figure  3-7.  Catalytic  cycle  for  hydrogen  peroxide  disproportionation89 

H2O2  + H202  — > 2 H20  + O2  (3-7) 

To  confirm  the  disproportionation  of  peroxycarbonate  in  these  reactions,  the 
reaction  was  quenched,  by  adding  catalase,  and  several  chromatograms  (of  the  same 
solution)  were  taken  over  a period  of  seven  hours.  Results  showed  that  the  chromatogram 
taken  a few  minutes  after  quenching  was  identical  to  those  taken  after  several  hours.  A 
more  direct  method  was  also  used,90  wherein  complete  disappearance  of  the 
peroxycarbonate  was  observed  by  l3C  NMR. 

Bicarbonate  catalyzed  reactions  were  usually  followed  to  completion,  and  in  cases 
where  the  bicarbonate  concentration  was  low  the  reaction  was  followed  to  70  % 
conversion  (Figure  3-8).  Pseudo-first-order  rate  constants  were  calculated  from  linear 
plots  of  In  area  vs  t.  The  uncatalyzed  reaction  is  negligible  compared  to  the  catalyzed 
reaction;  thus,  it  was  not  necessary  to  make  adjustment  for  the  catalytic  rate  constant. 
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Variation  of  bicarbonate  source  showed  (Figure  3-9)  a second-order  dependence  in 
bicarbonate.  This  suggests  peroxycarbonate  alone  is  not  effective  in  oxidizing  these 
alkenes  and  a second  bicarbonate  is  necessary  to  catalyze  these  reactions.  Another 
possibility  is  that  the  second  bicarbonate  is  reacting  with  peroxycarbonate  to  generate  the 
dimeric  species,  C2062",  which  is  an  effective  electrophile  and  may  be  the  active  oxidant 
as  shown  in  Equations  3-9  and  3-11. 


[H202]  + [HCO3-] 

[HCO4-]  +h2o 

Ki 

(3-8) 

[H202]  + 2 [HC03‘]  — 

[C2062  ]+  2H20 

k2 

(3-9) 

[C2062]  + [H202]  

► 2 [HC04'] 

ki 

(3-10) 

[C2062-]  + [S]  + h2o  - 

► [SO]  + 2 [HC03‘  ] 

kcat 

(3-11) 

Hydrogen  peroxide  variation  showed  a linear  dependence  at  low  peroxide 
concentration,  and  an  inverse  effect  is  observed  at  higher  concentrations.  The  inverse 
effect  is  described  in  Equation  3-10,  wherein  the  peroxide  reacts  with  the  dimer  to  form 
the  monomer  peroxycarbonate;  this  process  becomes  significant  at  high  peroxide 
concentration  (Figure  3-10).  The  kinetics  for  the  oxidation  of  another  substrate,  p-vinyl 
benzoate,  was  performed  to  observe  the  kinetic  trends  (Figure  3-1 1 and  3-12).  Results 
showed  the  bicarbonate  dependence  was  second-order  in  bicarbonate.  The  hydrogen 
peroxide  showed  a linear  dependence  at  low  peroxide  concentration;  however,  an  inverse 
dependence  was  seen  at  higher  concentrations.  Therefore,  the  observed  result  is  a general 
kinetic  effect  and  is  not  substrate  specific. 

We  have  used  Equations  3-8  to  3-1 1 to  represent  the  mechanism  for  alkene 
oxidations  by  bicarbonate-activated  peroxide;  the  ki  path  (Equation  3-11)  describes  the 
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Figure  3-8.  Chromatograms  showing  reaction  profile  for  alkene  oxidation.  Condition: 
0.1  M H202,  0.50  M NaHC03, 1 = 1.0,  0.00 1M  SS,  100%  H20.  Mobile  phase  : A:  1.0 
mM  Bu4NC1  and  10  mM  NH4HP04,  B:  20/80  CH3CN/H20,  isocratic  elution,  15  min  SS 
= /?-vinyl  benzene  sulfonate,  SSO  = epoxide. 
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Figure  3-9.  Plots  showing  the  dependence  of  pseudo-first-order  rate  constants  on 
bicarbonate  concentration.  Conditions:  0.05  - 0.30  M H202,  0 - 0.75  M NaHC03,  0.00 1M 
SS,I=  1.0,  100%H20. 
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Figure  3-10.  Plots  showing  the  dependence  of  pseudo-first-order  rate  constants  on 
peroxide  concentration.  Conditions:  0.05  - 0.30  M H202,  0 - 0.75  M NaHC03,  0.00 1M 
SS,  1=  1.0,  100%H2O. 
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Figure  3-11.  Plots  showing  the  dependence  of  pseudo-first-order  rate  constants  on 
peroxide  concentration.  Conditions:  0.05  - 0.30  M H202,  0 - 0.75  M NaHC03,  0.00 1M 
SS,  I = 1.0,  100%  H20.  SS  = p-vinylbenzoate 
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Figure  3-12.  Plots  showing  the  dependence  of  pseudo-first-order  rate  constants  on 
bicarbonate  concentration.  Conditions:  0.05  - 0.30  M H202,  0 - 0.75  M NaHC03,  0.00 1M 
SS,  I = 1.0,  100  % H20.  SS  = p-vinylbenzoate 
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bicarbonate-catalyzed  reaction.  The  rate  law  in  Equation  3-23  was  derived  from 
Equations  3-8  to  3-1 1,  with  the  assumption  that  EtC03'  and  H2O2  » C2062'. 

The  nature  of  the  rate  law  is  the  formation  of  the  product. 
d[SO]/dt  = kcat  [C2062'][s] 

(3-12) 

applying  steady  assumption  d[C2062’]/dt  ~ 0 


d[C2062']/dt  = k1[H202][HC03-]2-k-1[C2062']-k2[C2062-][H202]  -kcat[C2062'][S] 


[C2062']  = 


k1[H202][HC0,~  I2 
k-i  + k2[H202]  + kcat[S] 


(3-13) 

(3-14) 


d[SO]/dt  = 


kcat  k1[H202][HCQ3- 12  rsi 
k-,+k2[H202]  + kcat[S] 


(3-15) 


_ k^k^AJtHCO,-!2 

^obs  — 

k"!  + k2[H202]  + kcat[S] 


(3-16) 


Equations  3-17  to  3-20  are  used  to  calculate  the  total  bicarbonate  in  solution 


[HCO3-]0  = [HC03‘]  + [HCO4-] 

(3-17) 

[HCO3']0  = [HC03‘]  + K1[HC03'][H202] 

(3-18) 

[HC03‘]q  = [HC03"]{1  + [H202]} 

(3-19) 

[HC03-]=  [HC03-]o/{1+[H202]} 

(3-20) 

[H202]  = [H2O2]0-[HCO4-] 

(3-21) 

and  Equations  3-21  to  3-22  are  used  to  calculate  the  total  peroxide  in  solution. 
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[HCCV]  = ((z-(z2-  0.41[H202]o[HC03']o)0'5)/0.64 
z = { 1 + 0.32  [HC03']o  + 0.32  [H2O2]0 } 


(3-22) 


d[SO]/dt 


kcat  k1[HCO3-]02{[H2O2]0-[HCO4-  ]} 


(k-j  + k2[H2O2]0  -[HC04-  ])+  kcat[S])(l+K[H2O2]0-[HCO4-  ]) 


(3-23) 


kcat  k1[HCO3-]02{[H2O2]0-[HCO4-  ]} 

obs  (k-j  + k2[H2O2]0  -[HC04-  ])+  kcat[S])(l+K[H2O2]0-[HCO4"  ])  (3'24) 

The  mechanism  and  rate  law  described  above  do  not  fit  the  experimental  results  (Figure 

3-13).  However,  a good  fit  was  observed  when  a larger  equilibrium  constant  (Keq  = ~10 

M"1)  for  the  formation  of  peroxycarbonate  was  introduced  in  the  Equation  3-24,  but  from 

previous  investigations27  the  Keq  for  peroxycarbonate  formation  was  reported  as  0.32  M'1. 

We  were  not  able  to  calculate  the  catalytic  rate  constant  at  this  point,  hence  the 

pseudo-first  order  rate  constant  for  bicarbonate-catalyzed  reactions  were  compared  to 

other  systems  (Table  3-1).  Results  showed  that  the  oxidizing  ability  of  our  system  was 

comparable  to  the  MT0/H202  and  more  effective  than  the  MCPBA  system  (taken  into 

account  the  influence  of  the  electron  withdrawing  group).  However,  due  to  the  solvent 

difference  and  substituent  effect  in  the  case  of  the  MCPBA  oxidation  reaction,  the 

comparison  has  to  be  made  with  caution.  Kinetics  of  the  oxidation  of  alkenes  by 

peracetic  acid  would  give  a better  comparison,  as  this  alleviate  the  solvent  issue; 

however,  the  kinetics  for  such  studies  were  not  reported  in  the  literature. 

Since  an  adequate  mechanism  based  on  the  known  chemistry  of  bicarbonate  and 

hydrogen  peroxide  could  not  be  constructed,  further  investigation  was  necessary  to  gain  a 

better  understanding  of  the  mechanism  for  alkene  oxidation.  In  particular,  the  oxidation 

of  alkenes  by  the  possible  intermediates  (peroxycarbonate  and  peroxodicarbonate  salts), 
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Figure  3-13.  Plot  showing  fit  to  experimental  fit  to  Equation  3.24.  Conditions:  0.05  - 
0.30  M H202,  0 - 0.75  M NaHC03,  0.00 1M  SS,  I = 1.0,  100  % H20 
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Table:  3-1  Comparative  table  showing  alkene  epoxidation3 


Substrates 

Oxidant 

Solvent 

k (s'1),  1 1/2 

mto/h2o2 

CH3CN/H2O 

3.30  x 10'4,  35  min 

(lmM,0.80  M) 

(22.5  °C) 

MCPBA 

C2H4CI2 

1.92  x 10'5,  10  hr 

(0.08M) 

(25  °C) 

-CK 

HCO3VH2O2 
(0.50  M,0.50  M) 

h2o 

(25  °C) 

4.72  x 10'4,  25  min 

HCO3VH2O2 

h2o 

4.10  x 10'4,  28  min 

(0.50  M,0.50  M) 

(25  °C) 

"Conditions  :0.05  - 0.30  M H202,  0 - 0.75  M NaHC03,  0.00 1M  SS,  I = 1.0,  100  % H20. 
and  the  possibility  of  trace  metal  contaminants  and  the  influence  on  these  oxidation 
reactions  were  of  interest. 

Alkene  Oxidations  by  Sodium  Peroxycarbonate 

The  purpose  of  this  study  was  to  determine  if  the  active  oxidant  is  peroxy- 
carbonate. If  this  hypothesis  is  correct,  we  expect  reaction  rates  to  be  greatly  enhanced  in 
direct  reactions  of  HCO4'  and  alkenes.  Due  to  the  poor  stability  of  this  peroxycarbonate 
salt,  reactions  were  carried  out  at  5°C,  which  lowers  the  rate  of  decomposition  (t  1/2  = 1 .4 
hrs,  Figures  3-14  and  3-15  A),  however,  the  influence  of  the  pre-equilibrium  reaction  can 
not  be  excluded,  since  equilibrium  formation  of  peroxycarbonate,  from  peroxide  and 
bicarbonate,  at  5°C  occurs  in  ~5  hrs  (Figure  3-15  B). 

The  results  showed  the  pseudo-first-order  rate  constants  were  comparable  in 
reactivity  to  those  from  the  pre-equilibrium  peroxycarbonate  oxidation  reaction  (Figure 
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3-16).  However,  in  these  pre-equilibrium  reactions  only  about  10  % of  peroxycarbonate 
is  present.  This  suggests  that  a significant  amount  of  peroxycarbonate  does  not  lead  to 
rate  enhancements. 

Equilibrium  studies  showed  that  the  addition  of  substrate  does  not  affect  the 
equilibration  time.  Also,  having  more  bicarbonate  in  the  system  led  to  acceleration  in 
reaction  rates.  These  results  support  the  idea  that  bicarbonate  itself  is  implicated  in  the 
transition  state  for  these  oxidation  reactions. 

Addition  of  hydrogen  peroxide  to  this  system  resulted  in  the  retardation  of  reaction 
rates;  equilibrium  studies  showed  longer  equilibration  times,  which  means  that  the  system 
is  adjusting  to  re-established  equilibrium.  At  high  peroxide  concentrations,  it  is  suggested 
that  peroxide  is  decomposing  the  active  species  or  the  peroxide  is  reacting  with  the  active 
oxidant  to  generate  some  unknown,  unreactive  species. 
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Figure  3-14.  Plot  showing  peroxycarbonate  decomposition.  Conditions:  0.50  M 
NaHl3C04,  100%  H20,  temp  = 5°C.  Peroxycarbonate  decomposes  to  form  bicarbonate 
and  hydrogen  peroxide.  The  peroxycarbonate  (~  159  ppm)  disappears  over  time  with  the 
formation  of  the  bicarbonate  (-163  ppm). 
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Figure  3-15.  Plots  showing  peroxycarbonate  decomposition  and  formation.  Conditions: 
1.0  M H202,  0.50  M NaH13CO4,1.0  M NaH13C03,  100%  H20. 


81 


Figure  3-16.  Kinetic  plot  for  the  oxidation  of  p-vinyl  benzene  sulfonate.  Conditions: 

0.00 1M  SS,  I = 1.0,  100  % H20. 

Alkene  Oxidations  by  Potassium  Diperoxocarbonate 

The  dimer  ion,  C2O62',  may  be  the  active  species  in  these  oxidation  reactions; 
however,  the  concentration  of  dimer  in  solution  is  expected  to  be  very  small.  The  reaction 
of  the  potassium  diperoxycarbonate  with  sulfonated  styrene  was  examined.  The 
limitation  was  the  low  stability  of  the  dimer,  therefore  reactions  were  carried  out  at  5 °C. 

Rates  for  the  dimer  reaction  were  comparable  to  the  possible  in  situ  dimer  and 
peroxycarbonate  reactions  (Figure  3-17).  Thus,  the  dimer  is  extremely  unstable  and  once 
in  solution  forms  the  peroxycarbonate  and  bicarbonate.  The  13C  spectra  at  5°C  showed 
peaks  assigned  as  159  ppm  (HCO4)  and  163  ppm  (FICO3').  These  peaks  were 
comparable  to  that  observed  in  the  formation  and  decomposition  of  peroxycarbonate, 
HCO4'  (Figure  3.14).  At  this  point  all  three  sets  of  reactions  gave  comparable  pseudo- 


first-order  rate  constants. 
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Figure  3-17.  Plot  showing  the  dependence  of  the  psuedo-first-order  rate  constants  on 
bicarbonate  concentration.  Conditions:  1.0  - 2.0  M H202,  1.0  M NaHC04,  0.00 1M  SS,  I 
= 1.0,  100%H2O. 

Therefore,  the  previous  mechanism  involving  HCO4’  and  C2O62’  cannot  be  used  to 
explain  alkene  oxidation.  There  may  be  some  form  of  trace  contaminant  in  these  systems 
that  give  rise  to  these  unique  observations. 

Effect  of  Chelate  Resin  on  Oxidation  Reactions 

Trace  metal  contaminants  in  reaction  mixtures  can  influence  oxidation  reactions. 
Iron  can  interfere  with  an  oxidation  reaction  by  leading  to  free  radical  oxidation.  The  two 
methods  employed  in  the  removal  of  trace  metals  from  solutions  include  the  addition  of  a 
chelating  compounds  and  passing  reacting  solutions,  such  as  buffers,  through  a chelating 
resin  prior  to  use.  Chelating  compounds  are  nitrogen  containing,  polyacetic  acids  (Figure 
3-18)  that  bind  to  trace  metals.  Iron  in  particular,  will  bind  preferentially  to  ethylene 
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diaminetetracaetic  acid;  however,  diethylenetriamine  pentaacetic  acids  bind  various  metal 
ions.  (Figure  3-18  II) 


I 


diethylenetriaminepentaacetic  acid 


II 

Figure  3-18.  Chelating  resins  used  to  remove  trace  metal  contaminants. 

Chelating  resins,  chelex  100,  are  copolymers  containing  paired  iminodiacetic 
acetate  ions  (Figure  3-181)  that  bind  polyvalent  metal  ions.  The  binding  ability  of  resins 
is  pH  dependent  and  is  selective  to  divalent  cations.  The  selectivity  of  the  chelex  resin  for 
divalent  over  monovalent  ions  is  approximately  5000  to  1,  and  chelex  100  has  a strong 
affinity  for  transition  metals  even  in  high  salt  pre-equilibrium  concentration. 

Diethylenetriamine  pentaacetic  acid,  DTP  A,  (4  mM)  was  added  to  reaction 
mixtures  to  observe  any  trace  metal  effect.  The  rate  of  oxidation  was  completely 
retarded,  and  even  after  a prolonged  study  less  than  5 % oxidation  was  observed  (Figure 
3-19).  These  results  are  contrary  to  the  sulfide  oxidation  reactions, 42  in  which  the 
addition  of  up  to  5 mM  of  DTPA  had  no  effect  on  oxidation.  The  bicarbonate  salts, 
buffers,  substrates  and  water  were  then  passed  through  the  chelex  100  at  a flow  rate  at  ~ 
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0.5  mL/min  to  identify  the  source  of  the  trace  metal  contaminant.  Reaction  rates  were 
completed  retarded  when  only  the  bicarbonate  salts  were  passed  through  the  chelex 
resins;  whereas  when  other  reactants  were  passed  through  the  resins  no  obvious  effect 
was  observed.  This  result  suggests  that  the  bicarbonate  contains  trace  metals,  which  are 
catalyzing  these  oxidation  reactions. 

The  rate  of  oxidation  for  the  metal-free  reaction  was  less  than  5 % of  the 
unchelexed  mixtures.  This  result  suggested  that  a significant  amount  of  trace  metals  have 
been  removed  from  the  solutions  and  oxidation  of  alkenes  by  peroxycarbonate  is  metal 
dependent.  No  obvious  rate  enhancement  was  seen  with  the  addition  of  5 mM  iron  (III) 
sulfate.  At  this  point,  Fenton  chemistry,  which  gives  rise  to  free  radicals  can  be  ruled  out. 
This  result  is  consistent  with  our  initial  mechanism,  in  which  we  describe  heterolytic 
oxidation  for  alkene  oxidation.  No  further  evidence  for  free  radical  chemistry  was 
observed. 

Manganese  Catalyzed  Oxidations 

A list  of  possible  trace  metals  was  considered.  Recently,  Burgess  and  coworkers 
published  work91  wherein  they  screened  several  transition  metals  and  observed  their 
effect  on  the  oxidation  of  alkenes  using  peroxycarbonate  systems  in  cosolvent/water 
media.  Manganese  ion  stands  out  and  was  shown  to  be  considerably  catalytic.  A study 
was  done  wherein  5.0  pM  manganese  sulfate  was  added  to  metal-free  reactions.  We 
observed  complete  oxidation  of  the  substrate  within  a few  minutes.  (Figure  3-20)  The 
observed  rate  was  at  least  an  order  of  magnitude  higher  than  the  trace  metal  reactions. 
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Figure  3-19.  Chromatogram  showing  reaction  profile  for  the  influence  of  the  chelating 
resin  on  the  oxidation  reaction.  Conditions : 1 .0  M H202,  1.0  M NaHC03,  0.00 1M  SS,  I 
1.0,  100  % H20,  2.5  hrs.  Mobile  phase  : A:  1.0  mM  Bu4NCl  and  10  mM  NH4HP04;  B 
20/80  CH3CN/H20  Isocratic  Elution  12  min. 
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A study  of  the  manganese  dependence  on  the  peroxycarbonate  oxidation  reactions  was 
then  carried  out.  Results  showed  a linear  dependence  of  the  psuedo-first-order  rate 
constant  on  the  concentration  of  manganese  in  the  range  0.1 -5.0  pM 
(Figure  3-21).  At  higher  concentrations  of  manganese,  the  reaction  was  too  fast  to  obtain 
precise  data.  The  background  reaction,  sodium  phosphate  and  hydrogen  peroxide, 
showed  no  reaction  even  after  several  hours.  We  also  explored  the  effects  of  other  salts, 
such  as  acetate  and  perchlorate,  and  no  reaction  was  observed  in  these  studies. 

The  kinetics  for  the  oxidation  of  p-vinylbenzene  sulfonate  were  investigated  in 
the  presence  of  added  manganese  using  metal-free  reactants.  The  dependence  on  the 
concentration  of  peroxide  showed  the  reaction  to  be  first-order  at  low  peroxide 
concentrations;  however,  an  inverse  effect  is  observed  at  higher  concentrations  (Figure  3- 
22).  Variation  of  bicarbonate  concentration  showed  that  the  catalytic  reaction  was  mixed- 
order  in  bicarbonate  (Figure  3-23).  These  results  were  consistent  with  those  for  the  trace 
metal  oxidation  reactions. 

The  mechanism  for  alkene  oxidation  is  given  in  Equations  3-25  to  3-27.  It 
describes  the  formation  of  the  active  oxidant,  compound  A,  from  the  equilibrium  reaction 
between  bicarbonate,  peroxide  and  manganese  (Equation  3-26).  Compound  A oxidizes 
the  substrate  (Equation  3-27),  but  hydrogen  peroxide  can  compete  for  the  oxidant  at  high 
peroxide  concentration  and  result  the  formation  of  an  unknown,  unreactive  species 
(Equation  3-26). 


2 [ HC03'  ] + [H202]  + Mn  + - 

: "compound  A"  + HC03 

(3-25) 

"compound  A"  + [H202]  - 

— "compound  B" 

*3 

(3-26) 

"compound  A"  + S + HC03 

► Mn2+  + SO  + HC03' 

*1 

(3-27) 
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Figure  3-20.  Chromatogram  showing  reaction  profile  for  manganese  catalyzed  reaction. 
Conditions  :1.0  M H202,  1.0  M NaHC03,  0.00 1M  SS,  I = 1.0,  5.0  pM  Mn2+  100  % H20. 
Mobile  phase  :A:  1.0  mM  Bu4NC1  and  10  mM  NH4HP04  B : 20/80  CH3CN/H20 
Isocratic  Elution  12  min. 
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Figure  3-21.  Plots  showing  the  dependence  of  pseudo-first-order  rate  constants  on 
manganese  concentration.  Conditions:  1.0  M H202,  1.0  M NaHC03,  0.001  M SS,  I = 1.0, 
100%H2O. 
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Figure  3-22.  Plots  showing  the  dependence  of  pseudo-first-order  rate  constants  on 
peroxide  concentration.  Conditions:  1 .0  M H202,  1.0  M NaHC03,  0.5  pM  MnS04,  0.001 
MSS,  1=  1.0,  100%H2O 
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Figure  3-23.  Plots  showing  the  dependence  of  pseudo-first-order  rate  constants  on 
bicarbonate  concentration.  Conditions:  1.0  M H202,  1.0  M NaHC03,  0.5  pM  MnS04, 
0.001  M SS,  I = 1.0,  100  % H20. 


91 


d[S]/dt  = kjf  "compound  A"]  [HC03‘  ][s] 
d[S]/dt  = kj  [Mn2+][H202][HC03']2[s] 


[Mn2+]0  = [Mn2+]  + ["compound  A"  ] + ["compound  B"] 


[Mn2  ]0  - [Mn2+]  + K2[H202][HC03][Mn2+]  + K3  ["compound  A"][H202] 
[Mn2+]0  = [Mn2+]  + K2[H202][HC03][Mn2+]  + K3  K2[H202]2[HC03][Mn2+] 

[Mn2+]0  = [Mn2+][1  + K2[H202][HC03]  + K3  K2[H202]2[HC03]] 


[Mn2+]  = 


[Mn2+]0 

{1  + K2[H202][HC03]  + K3K2[H202]2[HC03]} 


(3-30) 

(3-31) 

(3-32) 

(3-32) 

(3-33) 


Equations  3-25  to  3-26  and  3-30  to  3-33  are  used  to  calculate  the  total  manganese  in 
solutions. since  [HC03‘],  [H202]  »>  [Mn2+]  we  can  assume  [HC03‘]  and  [H202]  = 
[HC03']o  and  [H2O2]0 

The  general  rate  expression,  Equation  3-35,  was  derived  from  Equations  3-25  to  3-33. 


d[S]/dt  = k1K2K3[Mn2+][H202][HC03'][S] 


(3-34) 


k1K2K3[Mn2+]0[H2O2]0)[HCO3-]20[S] 

{1  + K2[H2O2]0[HCO3]0  +K3K2[H2O2]02[HCO3]0} 

kiK2K3[Mn2+]0[H2O2]0)[HCO3-]2Q 
{1  + K2[H2O2]0[HCO3]0  + K3K2[H2O2]02[HCO3]0} 


(3-35) 

(3-36) 


The  catalytic  rate  constant  (&i  = 3.4  x 10  4)  was  calculated  from  nonlinear  plots  of 
Equation  3.36  using  Sigma  Plot  and  equilibrium  constant  Ki  and  K2  were  found  to  1.0 
and  25,  respectively.  A fit  to  the  general  Equation  3-36  showed  that  the  experimental 
results  correlate  well  with  the  mechanism  (Figure  3-24).  Fits  were  also  done  for  trace 
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Figure  3-24.  Plot  showing  fit  to  Equation  3-36. 
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Figure  3-25.  Plot  showing  fit  to  Equation  3-36. 
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metal  reaction  as  shown  in  Figure  3-25,  and  results  show  that  the  mechanism  is  not 
specific  to  manganese-spiked  reactions. 

An  extended  form  of  the  mechanism  is  shown  in  Equations  3-35  to  3-41.  In  this 
hypothetical  mechanism,  the  peroxycarbonate  dianion  and  the  carbonate  bind  to  the 
manganese  (II)  species  generating  the  neutral  manganese  (II)  peroxycarbonate,  which 
loses  carbonate  to  form  the  active  oxidant  compound  A (Figure  3-26).  Conversely  at  high 

peroxide  concentration,  compound  B results  from  the  reaction  between  compound  A and 
hydrogen  peroxide. 


[H202]  + [HCCV 

- [HC04  ] + [H20] 

*1 

(3-35) 

[HC03-  ] 

; [H+]  + [C032‘] 

Ka 

(3-36) 

[HC04-  ] 

‘ [H+]  + [C042-] 

Ka2 

(3-37) 

[Mn2+]  + [C042'] 

■ [Mn(C04)] 

Z 

(3-38) 

[Mn(C04)]  + [C032-]  

compondA  + [C032 

-]K3 

(3-39) 

[H202]  + compound  A 

compound  B 

k4 

(3-40) 

compound  A + S ► 
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Intermediate  Compound  A 


Figure  3-26.  Proposed  mechanism  for  the  formation  of  the  active  oxidant 


pH  Dependence  Study 

The  pH  level  for  alkene  oxidation  was  controlled  at  8.5.  A change  in  pH  level  of 
0.5  unit  above  and  below  8.5  did  not  have  a significant  effect  on  the  rate  of  oxidation 
(Figure  3-27).  This  pH  study  was  carried  out  at  high  (1.0  M H202)  and  low  (0.2  M H202) 
peroxide  concentration  to  resolve  the  inverse  peroxide  dependence  observed  at  high 
peroxide  concentration.  However,  both  reactions  gave  similar  results,  having  little  or  no 
pH  dependence.  The  observed  peroxide  trend  is  a kinetic  effect  and  is  not  associated 

with  small  changes  in  the  pH  of  the  reaction  mixture,  which  may  arise  from  the  different 
concentration  of  peroxide  used. 

Solvent  Isotope  Effect 

The  several  factors  that  contribute  to  a net  observed  solvent  isotope  effect  in  going 
from  reactant  to  transition  state  include:92  (1)  differences  in  bulk  solvent  properties,  (2) 
differences  in  solute-solvent  interaetions,  (3)  differences  in  the  zero  point  energy  of  the 
O-H/O-D  of  the  reacting  solvent  water  molecules,  and  (4)  differences  in  the  zero  point 
energy  of  the  O-H/O-D  of  the  solute  bond,  which  have  become  labeled  by  rapid 
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exchange.  Medium  changes  gives  rise  to  (1 ) and  (2)  and  is  described  as  transfer  and 
solvation  effects.  On  the  other  hand,  (3)  and  (4)  occur  from  bond  changes  in  the  reacting 
molecules,  and  this  leads  to  primary  and  secondary  effects.  A solvent  isotope  effect  study 
was  performed,  for  alkene  oxidation,  to  explore  the  nature  of  hydrogen  transfer  in  the 
transition  state.  An  inverse  solvent  isotope  effect  (k„/k„  = 0.47  ± 0.04)  was  obtained  for 

trace  metal  system  (Figure  3-28).  Recently,  we  reported47  the  solvent  isotope  effect  for 
sulfide  oxidation  by  peroxycarbonate  as 

(kH/kD  1 .5  ± 0. 1 5).  Thus,  both  reactions  have  different  mechanisms,  and  the  transition 
state  for  sulfide  oxidations  is  different  from  that  of  alkene  oxidation.  Further  studies 
were  done  to  observe  the  effect  of  the  manganese-spiked  oxidation  in  both  protium  and 
deuterium  water.  An  inverse  isotope  effect  (kH/kD  = 0.49  ± 0.05)  was  also  observed  for 

this  study  (Figure  3-29),  which  may  arise  from  the  product  of  various  isotopic 
contributions.92 

TT22-)  = (]f")  (if)  (~tH2°  ) (3.42) 

kD20  /total  \kD/pri  \kD/sec\  kD20  /medium 

Proton  Inventory 

A proton  inventory  study  was  carried  out  in  attempt  to  quantify  the  number  of 
hydrogens  undergoing  transfer  or  secondary  bond  changes  in  the  transition  states.  Rates 
were  measured  in  pure  protiated  solvent,  in  pure  deuterated  solvent,  and  in  mixed 
isotopic  composition.  The  rate  constant  (kobs)  dependence  on  n,  the  atom  fraction  of 

deuterium  in  a solvent  mixture  of  D20  and  H20,  is  given  by  the  by  the  Gross-Butler 
equation  (Equation  3-43). 29 
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TS 

lcn  , = t0  n(l-n  + nOi) 

K obs  K obs  — — — 

(1-n  + nOj)  (3-43) 

where  O,  and  O,  are  the  isotopic  fractionation  factors  for  isotopically  exchangeable 
hydrogen  sites  in  the  transition  and  reactant  states  (TS  and  RS),  respectively.  A plot  of 
the  rate  constant  (kn)  against  n reflects  the  number  of  exchangeable  proton  in  the 
reaction.  A linear  plot  describes  one  proton  transition  state,  whereas,  a curved  plot 


h nren3<2n7^PxT0tTTSi0Wing  pH  dePendence  study  for  1 -0  M H202 . Conditions  : 1 .00  M 
H202,  0.50  M NaHC03,  0.001  M SS,  I = 1.0,  100  % H20. 
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Figure  3-28.  Plot  showing  solvent  isotope  effect  study  for  trace  reaction.  Conditions 
:0.20  M H202,  0.50  M NaHC03,  0.001  M SS,  I = 1.0,  100  % H20. 


99 


Figure  3-29.  Plot  showing  solvent  isotope  effect  study  with  added  manganese. 
Conditions:  1.0  M H202,  1.0  M NaHC03  0.001  M SS,  I = 1.0,  100  % H20. 
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describes  multi-  proton  transition  states.  The  calculation  of  the  fractionation  factor  of  TS 
can  done  using  Equation  3-43,  providing  the  reaction  fractionation  constant  is  known. 

The  plot  increases  to  the  right  and  bulges  downward  as  shown  in  Figure  3-30.  Such 
results  may  have  several  possibilities:92  (1)  a large  inverse  isotope  effect  partially  offset 
by  smaller  normal  effects,  (2)  a change  in  the  rate  determining  step  with  increase  in  ‘n’, 
and  (3)  the  entire  contribution  may  come  from  one  or  more  reactant- state  protons,  which 
leads  to  a net  inverse  isotope  effect.  However,  a plot  of  1/kn  vs  n is  linear 
(Figure  3-31)  is  consistent  with  a one-proton  mechanism 

Manganese  is  also  known  to  disproportionate  hydrogen  peroxide.93  The  rate  of 
disproportionation  of  the  peroxide,  however,  is  slower  compared  to  the  oxidation  of. 
alkenes.  In  fact,  if  the  reaction  is  allowed  to  equilibrate  with  added  manganese  followed 
by  the  addition  of  the  substrate,  no  oxidation  occurs,  but  if  more  peroxide  is  added  to  the 
system,  oxidation  of  substrate  is  observed.  Equations  3-44  to  3-47  show  the 
disproportionation  of  hydrogen  peroxide. 


Mn(II)  + H202  — 

► 

OH-  + OH'  + Mn(III) 

(3-44) 

H202  + OH*  — 

► 

02  + H+  + H20 

(3-45) 

Mn(III)  + 02: 

► 

02  + Mn(II) 

(3-46) 

(sum)  2 H202  — 

► 

2 H20  + 02 

(3-47) 

The  overall  equation  shows  two  moles  of  hydrogen  peroxide  reacting  with 
manganese  to  generate  two  moles  of  water  and  one  mole  oxygen.  It  is  assumed  that 
bicarbonate  ion  plays  an  active  role  in  peroxide  dispropotionation;  however,  the 
mechanism  is  unknown.  Stadman  describes93  the  rate  of  disproportionation  as  third  order 


in  bicarbonate 
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Figure  3-30.  Plot  of  kn  for  alkene  epoxidation  by  peroxycarbonate.  Conditions  : 1 .0  M 
H202,  1.0  M NaHC03,  0.001  M SS,  I = 1.0,  100  % H20 
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Figure  3-31.  Plot  of  1/kn  for  alkene  epoxidation  by  peroxycarbonate.  Conditions  :1.0  M 
H202,  1.0  M NaHCOj,  0.001  M SS,  I = 1.0,  100  % H20.  " 
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concentration,  which  suggests  that  3 equivalents  of  bicarbonate  ion  combine  with  one 
equivalent  manganese  (II)  to  form  the  catalytically  active  complex,  Mn(HC03)3.  The 
disproportionation  reaction  is  inhibited  by  inorganic  phosphates. 

Conclusions 

Oxidations  of  alkenes  by  bicarbonate-  activated-peroxide  are  catalyzed  by  trace 
metal  contaminants.  In  particular,  manganese  was  shown  to  be  extremely  catalytic  in 
these  oxidation  reactions.  We  observed  rate  enhancements  of  at  least  an  order  of 
magnitude  when  micromolar  quantities  of  manganese  was  added  to  the  chelexed  reaction 
mixtures.  The  mixed-order  bicarbonate  dependence  observed  suggests  that  more  than  one 
mole  of  bicarbonate  is  implicated  in  the  transition  states.  Peroxide  dependence  showed 
that  at  high  peroxide  concentration  the  active  oxidant  reacts  with  peroxide  to  generate 
some  unknown,  unreactive  species. 


CHAPTER  4 

OXIDATION  OF  LINOLEIC  ACID  AND  UNSATURATED  FATTY  ACID  MODELS 

Introduction 

The  oxidation  of  unsaturated  fatty  acids  (UFAs)  is  an  important  process  in  the 
biochemical  society  because  of  its  involvement  in  oxidative  stress.  This  oxidation 
process,  lipid  peroxidation  (LPO),  is  involved  in  the  development  of  many  chronic 
diseases.94  LPO  occurs  mainly  by  the  effect  of  several  reactive  oxygen  species95  such  as 
the  hydroxyl  radical,  superoxide  and  hydrogen  peroxide  (Figure  4-1). 


Figure  4-1.  Generation  of  reactive  oxygen  species  (H2O2  and  ‘OH). 

Superoxide  dismutase  (SOD),  glutathione  peroxidase  (GPx)  and  catalase  are  some  of  the 
natural  defenses  set  up  to  detoxify  these  radical  species.96  Antioxidants,  such  as  Vitamin 
C,  can  interrupt  chain  reactions  by  capturing  the  hydroxyl  radicals.  These  reactive  oxygen 
species  (eg.  OH)  once  released  will  attack  the  UFAs  of  the  fatty  acid  membranes, 
initiating  a self-propagating  chain.  The  destruction  of  membrane  lipids  and  the  end 
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products  of  such  oxidation  reactions  are  especially  dangerous  for  the  viability  of  cells  and 
tissues. 

These  radicals  remove  hydrogen  atoms  from  any  allylic  CH2-  group  (activated  by 
one  or  two  double  bonds)  leading  to  the  formation  of  lipid  hydroperoxides,  LOOH.97 
Lipid  hydoperoxide  (LOOH)  is  not  stable  and  can  be  cleaved  in  the  presence  of  Fe2+  in  a 
Fenton-like  reaction  (radical  chemistry)  to  produce  alkoxy  (LO ) radicals.98'99 

LOOH  + Fe2+ ► LO  +Fe3+  + OH'  (4.1) 

The  LO  radical  will  interact  with  other  UFAs  by  the  abstraction  of  hydrogen  atom  from 
their  activated  CH2  -groups  (Figure  1-2  of  chapter  1),  which  leads  to  the  production  of 
secondary  products  such  as  hydroxyacids  (LOH).  Subsequent  reactions  generate  a 
cascade  of  reaction  byproducts.97 

Oxidation  of  unsaturated  fatty  acids  by  peracids100  has  been  documented  in  the 
literature;  however,  these  reactions  occur  via  heterolytic  chemistry  (non-radical 
chemistry).  Peroxycarbonate,  a peracid  analogue,  reacts  with  nucleophiles  via  mechanism 
similar  to  those  of  peracids,  and  is  reported90  as  a reactive  oxygen  species  in  biological 
systems.  Bicarbonate  is  present  in  cellular  systems,  and  hydrogen  peroxide  is  produced  as 
a result  of  oxygen  metabolism.  Additionally,  it  has  been  reported90  that  the  HCO4' 
formation  also  occurs  via  perhydration  of  carbon  dioxide  (Figure  4-2). 

Oxidization  of  the  unsaturated  fatty  acid,  linoleic  acid  and  UFAs  models  using 
bicarbonate-activated  peroxide  in  cosolvent/water  solutions  was  investigated.  Oxidation 
of  unsaturated  fatty  acids  by  peroxycarbonate,  HCO4',  may  not  occur  in  cellular  systems 
since  lipids  are  highly  embedded  in  hydrophobic  membranes,  and  the  HCO4'  is 
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Figure  4-2.  Proposed  mechanism  for  the  formation  of  peroxycarbonate  in  cellular 

90 

systems. 


produced  in  aqueous  medium;  however,  in  the  previous  chapter  we  described  the 
“active  oxidant”  as  the  neutral  manganese-oxo  species,  which  may  permeate  the 
hydrophobic  membranes  and  ultimately  lead  to  lipid  oxidation.  If  this  oxidant  is  effective 
in  oxidizing  UFAs  via  non-radical  chemistry,  then  this  may  provide  insights  into  an 
alternative  mechanism  for  LPO,  and  offers  a better  understanding  of  diseases  in  which 
lipid  peroxidation  is  involved. 

Experimental  Section 

Materials.  Linoleic  acids,  3-hexene,  1 ,4-pentadiene,  and  hydrogen  peroxide  (35%) 
were  purchase  from  Sigma-Aldrich.  Acetonitrile  (Fisher)  was  purchased  as  HPLC  grade 
and  used  without  further  purification.  Ammonium  bicarbonate  (Sigma-Aldrich)  and 
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Ammonium  phosphate  (Sigma-Aldrich)  were  purchased  as  analytical  grade  and  used 
without  further  purification.  Water  was  purified  as  described  in  chapter  3. 

Kinetics.  Alkene  oxidations  were  carried  out  in  acetonitrile/water  media.  Solutions 
containing  hydrogen  peroxide  and  ammonium  bicarbonate  were  allowed  to  pre- 
equilibrate for  approximately  30  minutes  prior  to  addition  of  the  substrate.  Hydrogen 
peroxide  was  added  in  large  excess  over  the  alkenes  and  the  ammonium  bicarbonate 
concentration  was  0.50  M.  Ionic  strength  was  maintained  at  0.5  M,  and  the  pH  of  these 
solutions  were  as  described  in  previous  chapters.  Hydrogen  peroxide  concentration 
ranges  from  1. 0-2.0  M. 

Product  analyses.  Reactions  were  carried  out  in  50  ml  solution  of  acetonitile/water 
solutions.  Reactions  were  allowed  to  run  for  2 days,  and  the  yellow  epoxides  and 
diepoxide  solutions  were  extracted  in  ~ 30  ml  portions  of  ether.  The  solvent  was  then 
dried  off  and  the  yellow  solid  collected.  The  product  was  then  dissolved  in  deuterated 
chloroform  and  'H  NMR  spectrum  taken. 

Results  and  Discussion 

Our  preliminary  work  shows  that  bicarbonate  accelerates  the  rate  of  epoxidation  of 
linoleic  acid  (LA)  by  hydrogen  peroxide.  The  'H  NMR  spectrum  (Figure  4-3b)  shows  the 
disappearance  of  the  peaks  in  the  olefin  region  for  peroxycarbonate  systems.  In  48  hours 
we  observed  at  least  90%  conversion  of  linoleic  acid  to  the  diepoxides.  The  initial 
formation  of  the  monoepoxide  was  observed,  but  further  oxidation  by  the  oxidant  leads  to 
the  generation  of  the  diepoxide.  No  reaction  was  seen  with  hydrogen  peroxide  alone 
even  after  48  hours  (Figure  4-3a).  Characterization  of  the  product  by  ’H  NMR  proved  to 
be  challenging  due  to  the  low  intensity  of  peaks  in  the  olefin  region  of  LA.  Therefore,  a 
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scale  up  reaction  was  performed  and  the  product  was  extracted  to  further  characterize  the 
diepoxide.  Results  were  comparable  to  those  reported  in  the  literature101  (Table  4-1). 
Table  4-1  Chemical  shift  for  linoleic  acid  epoxide 


'H  NMR  signal 

Assignments 

Literature3 

CH3  (a) 

0.75 

0.89 

CH2  (b) 

1.10-1.50 

1.10-1.80 

CH2  (c) 

1.5  and  2.2 

1.80-2.40 

CH2  (d) 

3.0 

2.69 

Given  that  linoleic  acid  contains  a 1 ,4-pentadienoic  element,  the  LA  model 
1,4-pentadiene  was  oxidized  to  further  characterize  linoleic  acid  oxidation  products.  The 
initial  formation  of  the  monoepoxide,  which  ultimately  oxidized  to  the  diepoxide,  was 
observed  within  twelve  hours  (Figure  4-5b).  The  background  reaction  showed  only  about 
5 % reaction  even  after  48  hours  (Figure  4-5a).  The  'H  NMR  signals  of  the  diepoxide 
were  comparable  to  the  literature  values  (Table  4-2  and  Figure  4-6). 101 

The  gas  chromatograms  are  shown  in  Figure  4-7  for  oxidation  products  of  1,4- 
pentadiene.  The  first  chromatogram  shows  a large  solvent  peak  with  a retention  time  of  6 
minutes  and  the  two  small  peaks  are  dilute  samples  of  oxidized  1 ,4-pentadiene.  The 
middle  chromatogram  is  that  of  the  diepoxide  having  a molecular  ion  peak  of  100;  but  a 
M+l  or  M+H  peak  was  detected.  Peaks  in  the  third  chromatogram  are  assigned  as  the 
hydrolysis  products;  they  are  less  than  10  % of  the  diepoxides 
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Table  4-2.  Chemical  shift  for  di epoxide  of  1 ,4-pentadiene 


'H  NMR  signal 

Assignments 

Literature 

CH  (a)  m,  2H 

1.78-1.68 

1.70-1.70 

CH2  (b)  1H 

2.52 

2.50 

CH2  (b1)  1H 

2.58 

2.56 

CH2  (c)  m,  2H 

2.84-2.78 

2.80-2.75 

CH  (d)  m,  2H 

3.13-3.0 

3.09-2.99 

The  GC-mass  spectrum  (Figure  4-8)  shows  the  fragmentation  for  the  diepoxide. 
We  observed  the  M+l  (or  M+H)  peak  at  m/z  =101 . The  key  fragments  are:  m/z  = 83 
corresponding  to  the  loss  of  water,  m/z  = 69  resulted  from  loss  of  methyl  radical  (or  the 
loss  of  methanol  from  the  molecular  ion  peak),  the  loss  of  ethanol  from  the  M+l  peak 
results  in  fragment  at  m/z  = 55,  and  fragment  at  m/z  = 41  resulted  from  the  loss  of  alkyl 
radicals.  The  prominent  peak  at  m/z  = 41  is  the  base  peak,  and  the  reason  for  its  stability 
is  due  to  resonance  stabilization  (Figure  4-9a). 

Significant  epoxidation  of  3-hexene  (oleic  acid  model)  was  observed  for  the 

catalyzed  reaction.  One  would  expect  the  3-hexene  to  be  more  nucleophilic  than  1,4- 

pentadiene  as  the  former  is  an  internal  alkene;  however,  results  show  that  the  rate  of 

oxidation  of  1 ,4-pentadiene  was  comparable  to  the  3-hexene.  No  obvious  change  was 

observed  for  the  uncatalyzed  reaction.  The  'H  NMR  spectrum  of  3 -epoxy  hexane  is 

shown  in  Figure  4-10.  Observed  chemical  shifts  were  comparable  to  those  in  the 
101 


literature  (Table  4-3). 
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ab  ceedeecb  c f 


LA  = (CH3(CH2)3CH2CH=CH-CH2-CH=CH-CH2(CH2)5CH2CC>2H) 


Figure  4-3.  'H  NMR  spectra  showing  the  oxidation  of  linoleic  acid. 

Conditions:  [H202]  = 1.0  M,  [HC03  ] = 0.50  M,  0.50  M (NH4)2HP04,  [LA]=  25  mM, 
1.5:1  v/v  CD3CN/D2O,  24  hrs.  a.=  uncatalyzed  reaction,  b = catalyzed  reaction. 
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Figure  4-4.  'H  NMR  spectrum  of  the  diepoxide  of  linoleic  acid. 
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Figure  4-5.  Spectra  showing  oxidation  products  of  1, 4-pentadiene. Condition:  1.0  M 
H202,  0.50  M NH4HCO3,  0.10  M Substrate,  50:50  D20/CD3CN,  24  hrs. 
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Figure  4-6.  !H  NMR  for  diepoxide  of  1,4-pentadiene  in  CDCI3. 
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Figure  4-7.  GC-EI-MS  showing  chromatograms  for  the  oxidation  products  of  1,4- 
pentadiene.  The  first  chromatogram  shows  a large  solvent  peak  with  a retention  time  of  6 
minutes  and  the  two  small  peaks  are  dilute  samples  of  oxidized  1 ,4-pentadiene.  The 
middle  chromatogram  is  that  of  the  diepoxide  having  a molecular  ion  peak  of  100,  and 
the  peaks  in  the  third  chromatogram  are  assigned  as  the  hydrolysis  and  over  oxidized 
products. 
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Figure  4-8.  GC-EI-Mass  spectrum  for  the  diepoxide  of  1,4-pentadiene. 
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H 


m/z = 101 


Figure  4-9a.  Fragmentation  pattern  for  1,4-pentadiene. 
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H 

C2HO|*  m/z  = 41 


Figure  4-9b.  Proposed  mechanism  for  the  fragmentation  of  1,4-pentadiene. 
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Table  4-3.  Chemical  shift  for  linoleic  acid  epoxide 


‘H  NMR  signal 

Assignments 

Literature 

CH3  (6) 

0.95 

0.97 

CH2  (4) 

1.45 

1.43 

CH2  (2) 

2.60 

2.70 

The  percent  conversions  of  alkenes  to  mono  and  diepoxides  are  shown  in 
Table  4-3;  within  two  days  approximately  90  % diepoxide  was  observed,  and  in  the  case 
of  3-hexene,  50  % conversion  to  the  epoxide  was  seen  within  24  hrs.  We  did  not  observe 
any  significant  hydrolysis  or  over  oxidized  products,  which  suggest  that  the  epoxides  are 
stable  in  peroxycarbonate  systems.  The  percentage  conversions  were  compared  to  other 
alkenes  oxidation,  and  results  showed  that  linoleic  acid  and  UFA  models  oxidation 
reactions  were  comparable  to  those  of  other  alkene  oxidations. 

Conclusions 

Bicarbonate-activated  peroxide  is  effective  in  oxidizing  simple  alkenes.  We  have 
shown  that  this  oxidant  is  effective  in  the  oxidation  of  unsaturated  fatty  acid  and 
unsaturated  fatty  acid  models.  Results  showed  that  the  epoxidation  reactions  lead  to 
predominantly  epoxides,  and  in  a few  cases,  only  a small  percentage  of  hydrolysis 
product,  gem-diol,  is  seen.  Generally,  peroxycarbonate  oxidation  reactions  occur  via 
heterolytic  chemistry,  therefore,  we  expect  oxidation  of  UFA  and  UFA  models  to  occur 


by  similar  mechanisms. 
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Figure  4-10.  'H  NMR  spectrum  of  3-epoxy  hexane  in  CDCI3. 
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Table  4-3  Epoxide  formation  in  acetonitrile/water  solutions. 


substrates  % conversion 

acetonitrile/water 


50  (24  hrs) 


90  (48  hrs) 


R 


r2 


90  (48  hrs) 


100  (24  hrs) 


X 


70  (24  hrs) 


Conditions:  0.5  M NH4HCO3,  0.5  M H202,  100%  H20. 

It  is  well  known  in  the  literature94  that  reactive  oxygen  species  in  biological 
systems  oxidize  biomolecules  via  radical  chemisty,  and  in  most  cases,  a cascade  of 
reaction  by  products  is  observed.  However,  since  we  know  peroxycarbonate  is  present  in 
cellular  systems  and  in  the  presence  of  trace  quantity  manganese  the  active  oxidant  is 
formed,  it  is  only  reasonable  to  suggest  that  non-radical  oxidation  of  lipids  is  an 
alternative  mechanism.  Additionally,  since  the  catalyzed  reaction  is  more  significant  than 
the  peroxide  oxidation  reactions,  we  expect  contributions  of  this  mechanistic  pathway  in 
biological  systems. 


CHAPTER  5 

OXIDATION  OF  POLYCHLOROETHYLENES 
Introduction 

Trace  levels  of  organic  pollutants,  such  as  polychloroethylenes,  have  accumulated 
in  groundwater  and  industrial  wastewaters.  These  are  low  solubility,  dense  nonaqueous 
phase  liquids  that  provide  a long  term  source  for  dissolved  contaminants.102 
Trichloroethylene  (TCE)  is  a volatile,  nonflammable,  colorless  liquid,  sweet  odor  liquid, 
which  is  used  extensively  in  dry  cleaning,  in  industries  as  a solvent,  as  a degreasing 
agent,  and  in  household  products  such  as  spot  removers.103 

Trichloroethylene,  a suspected  carcinogen,  poses  significant  health  risk;  therefore, 
extensive  research  has  been  performed  to  enhance  its  removal  from  the  environment. 
Present  method  of  removal  includes:104"107  (1)  anaerobic  biotransformation,  (2)  photo- 
degradation in  surfactant  systems,  (3)  UV-Light  and  hydrogen  peroxide,  and  (4)  phase 
transfer  catalysts  with  potassium  permanganate. 

TCE  oxidation  via  anaerobic  biotransformation  leads  to  the  reductive 
dechlorination,  which  results  in  the  formation  of  toxic  agents,  dichloroethylenes  (DCE) 
and  vinyl  chloride  (VC).104  However,  several  aerobic  bacteria,  such  as  methane 
oxidizers,105  have  been  shown  to  be  effective  in  oxidizing  TCE,  but  without  the  formation 
of  DCE  and  VC.  The  aerobic  process  leads  to  the  initial  formation  of  TCE  epoxide, 
which  hydrolyses  to  form  a gem-halohydrin  acyl  halide.  Further  hydrolysis  of  the  acyl 
halide  results  in  the  production  of  formate  and  carbon  dioxide.106 
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Polychloroethylenes  can  decay  naturally  in  the  presence  of  UV,  but  this  reaction 
may  lead  to  more  toxic  byproducts.107  However,  research  has  shown  that 
photodegradation  can  be  effective  in  TCE  decomposition  if  organic  solvents  or 
surfactants  are  used  as  additional  hydrogen  sources.108  The  use  of  surfactants  as  a 
hydrogen  source  to  aid  in  the  photodegradation  of  TCE  was  investigated,105  and  results 
show  that  the  process  follows  pseudo-first-order  decay  via  photodechlorination.  The 
decay  is  found  to  be  faster  at  high  pH  levels,  which  may  result  from  the  dominance  of  the 
free  radical  reaction  at  this  pH. 

Oxidative  reactions  involving  ozone  or  hydrogen  peroxide  in  combination  with  UV 
light  have  been  used  for  the  treatment  of  contaminated  ground  water  and  industrial 
wastewaters.109'1 1 1 The  initial  step  is  the  formation  of  hydroxyl  radical  from  the  reaction 
of  UV  source  and  the  organic  compounds.  This  hydroxyl  radical  will  abstract  a hydrogen 
atom  or  add  to  the  double  bonds  of  the  TCE.  The  result  of  this  reaction  leads  to  the 
formation  of  inorganic  ions  and  water.  The  kinetics  for  the  destruction  of  TCE  show106 
the  rate  to  be  first-order  in  peroxide  at  low  peroxide  concentrations.  However,  at  high 
concentrations  of  peroxide  a maximum  was  observed.  The  explanation  here  was  that  too 
much  peroxide  in  the  system  may  inhibit  TCE  destruction. 

The  use  of  potassium  permanganate  to  oxidize  chlorinated  solvents  is  one  of  the 
most  common  methods  in  degrading  trichloroethylenes.112  Studies  have  shown  the 
effectiveness  of  a phase  transfer  catalyst  in  enhancing  the  degradation  rates.107  A phase 
transfer  catalyst  is  an  organic  soluble  cation,  such  as  quaternary  ammonium,  which 
contains  both  lipophilic  and  hydrophobic  moieties.  This  catalyst  is  distributed  between 
aqueous  and  organic  phase,  and  will  transport  the  permanganate  ion  into  the  non-aqueous 
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phase,  hence  the  permanganate  can  oxidize  chlorinated  compounds  both  in  the  aqueous 
phase  and  in  the  organic  phase  (Figure  5-1). 


Figure  5-1.  Schematic  diagram  for  PTC  facilitated  permanganate  oxidation  of  TCE.107 

In  the  presence  of  the  permanganate  TCE  decomposes  to  carbon  dioxide,  chloride 
ion  and  H+. 


The  disadvantage  to  using  this  system  is  that  some  chlorinated  compounds  are  poor 
solvents  for  quaternary  ammonium  salts,  and  also  permanganate  and  PTC  may  be 
consumed  by  organic  matter  in  the  soils  and  sediments  prior  to  reaching  the  target 
contaminants. 

The  work  herein  describes  preliminary  results  obtained  for  the  oxidation  of 
polychloroethylene  by  bicarbonate-activated  peroxide.  At  pH  (12  -14)  the  nucleophilic 
percarbonate  species,  CO42',  is  present  and  near  neutral  pH  (7-8)  the  electrophilic 
peroxycarbonate,  HCO4'  is  present. 


Materials.  Trichloroethylene,  dichloroethylene  and  hydrogen  peroxide  (35%)  were 


C2C13H  + 2Mn04  ► 2C02  + 2Mn02  +3C1'  + H+ 


Experimental 


purchase  from  Sigma-Aldrich.  HPLC  grade  solvents,  acetonitrile  (Fischer)  was  purchased 
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and  used  without  further  purification.  Ammonium  bicarbonate  (Sigma- Aldrich) 
potassium  carbonate,  and  ammonium  dibasic  phosphate  (Sigma-Aldrich)  were  purchased 
as  analytical  grade  and  used  without  further  purification  and  the  water  was  purified  as 
described  in  previous  chapters. 

Kinetics.  Polychloroethylene  oxidations  were  carried  out  in  acetonitrile/water 
media.  Solutions  containing  hydrogen  peroxide  and  ammonium  bicarbonate  (or  sodium 
carbonate  in  the  case  of  high  pH)  were  allowed  to  pre-equilibrate  for  approximately  30 
minutes  prior  to  alkene  addition.  Reaction  conditions  were  set  such  that  hydrogen 
peroxide  was  in  large  excess  over  the  alkenes  and  the  ammonium  bicarbonate 
concentration  was  kept  at  1.0  M.  Ionic  strength  was  maintained  at  1.0  M (ammonium 
phosphate  (or  sodium  phosphate  dibasic  and  monobasic  at  high  pH),  and  the  pH  of  these 
solutions  were  controlled  as  described  previously. 

Product  analysis.  The  reactions  were  carried  out  in  50  mL  solution  of 
acetonitile/water  solutions  at  high  pH.  Reactions  were  allowed  to  run  for  12  hours,  and 
the  product  was  extracted  in  ~ 30  ml  portions  of  ether.  The  solvent  was  then  dried  off  and 
the  solid  was  collected  and  dissolved  in  ~ 5 mL  chloroform.  The  'H  NMR  spectrum  of 
this  solution  was  taken.  Samples  were  also  submitted  for  mass-spectral  analysis. 

Results  and  Discussion 

Oxidation  of  Trichloroethylene 

Oxidation  of  trichloroethylene  in  acetonitrile/water  solutions,  near  neutral  pH, 
showed  no  obvious  reaction;  however,  an  increase  in  the  pH  from  8.3  to  12.1  showed  a 
gradual  disappearance  in  the  substrate  peak  at  7.1  ppm  (Figures  5-2  and  5-3).  Generally, 
alkenes  are  oxidized  to  epoxides  or  diols,  and  would  be  assigned  peaks  in  the  region  3-4 
ppm.  However,  in  the  oxidation  of  trichloroethylene,  the  olefmic  proton  disappears,  but 
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no  epoxides  or  diols  could  be  identified.  The  control  reaction,  oxidation  of 
trichloroethylene  by  hydrogen  peroxide,  was  also  investigated;  results  show  the 
disappearance  of  the  TCE  proton  peak  but  at  a slower  rate.  The  catalyzed  reaction  was 
found  to  be  approximately  an  order  of  magnitude  higher  than  the  uncatalyzed  reaction 
(Figure  5-2). 

A scale  up  synthesis  was  carried  out  to  characterize  the  product  from  this  oxidation 
reaction.  The  proton  spectrum  showed  a singlet  at  2.0  ppm.  This  peak  is  assigned  to  the 
peroxycarboxymidic-type  species  that  is  formed  from  the  reaction  between  acetonitrile 
and  the  oxidant.  Gas  chromatogram/mass  spectral  analysis  on  the  product  (Figure  5-4) 
confirms  the  presence  of  one  product.  A typical  GC/mass  spectrum  for  chlorine 
compounds  shows  the  presence  of  two  peaks  with  a relative  intensity  ratio  of  3:1 
separated  by  two  mass  units.  No  chlorine  peak  was  observed  in  the  mass  spectrum,  which 
is  further  verification  for  the  TCE  degradation.  The  molecular  ion  peak  observed  at 
m/z  = 141  and  the  base  peak  m/z  = 58  suggest  the  presence  of  an  amine  compound.  The 
peak  at  m/z  — 58  is  CH3C(0)NH',  and  may  result  from  the  loss  of  CH3C=NH'  (m/z  = 42). 
At  this  point  we  are  unable  to  identify  the  compound,  however,  we  are  convinced  that  the 
TCE  has  been  degraded  by  peroxycarbonate. 

In  the  literature105  TCE  oxidation  by  soluble  methane  monooxygenase  resulted  in 
the  initial  formation  of  TCE  epoxide.  The  TCE-epoxide  has  a very  short  life  (10-20  s), 
and  will  spontaneously  undergo  hydrolysis  to  form  acyl  halides.  Further  decomposition 
of  the  acyl  halide  to  dichloroacetic  acid,  formate  and  carbon  dioxide  was  reported.105 
Peroxycarbonate  oxidation  of  TCE  may  follow  this  mechanism.  We  have  suggested  the 
initial  formation  of  TCE-epoxide,  but  due  to  the  low  stability  of  the  epoxide,  it  will 
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undergo  base  hydrolysis  to  form  compound  I.  It  is  suggested  that  compound  I 
decomposes  to  form  the  glyoxylate,  which  is  further  oxidized  to  formate  and  carbon 
dioxide  (Figure  5-5). 

Oxidation  of  Dichloroethvlene 

Oxidation  of  dichloroethylene  was  investigated  at  high  pH,  but  no  reaction  was 
observed  within  2 days.  Dichloroethylene  is  more  nucleophilic  than  TCE,  given  that  it 
contains  one  less  electron-withdrawing  group,  and  the  active  oxidant,  CO42',  present  at 
high  pH  is  nucleophilic,  hence  the  observed  effect.  However,  under  the  same  reaction 
condition,  but  changing  the  pH  to  8.5  resulted  in  the  oxidation  of  dichloroethylene  by 
peroxycarbonate.  Within  24  hours,  the  *H  NMR  spectrum  shows  the  gradual 
disappearance  of  the  substrate  peak  at  6.8  ppm  and  the  formation  of  two  new  peaks  at 
5.8  and  8.6  ppm,  respectively  (Figure  5-6). 

These  reactions  were  extremely  slow,  hence  the  concentration  of  the  hydrogen 
peroxide  was  increased  from  1.0  M to  3.0  M.  Under  such  condition  a significant  increase 
in  the  rate  of  oxidation  is  expected.  However,  the  rate  of  the  product  formation  increased, 
but  only  slightly.  The  reaction  was  left  to  run  for  an  extra  day,  but  this  led  to  the 
decomposition  of  the  active  oxidant,  and  no  further  oxidation  was  observed.  No  reaction 
was  observed  for  the  control  reaction  (oxidation  of  DCE  by  hydrogen  peroxide). 

The  plausible  mechanism  for  DCE  oxidation  (Figure  5-7)  is  similar  to  what  is 
described  for  TCE  oxidation.  However,  the  epoxide  is  more  stable  in  neutral  media,  and 
is  observed  at  5.6  ppm.  The  peak  observed  at  8.6  ppm  is  assigned  as  either  the  proton  of 
glyoxylate  or  formate. 
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Figure  5-5.  Proposed  Scheme  for  of  TCE  degradation.  We  have  not  observed  the 
formation  of  epoxide,  diols  or  glyoxylate;  it  is  suggested  that  these  intermediates  are 
extremely  unstable. 106  The  mechanism  described  above  is  based  on  the  literature.106 
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Figure  5-2.  ’H  NMR  spectrum  showing  TCE  oxidation.  Condition:  0.30  M k2C03  (pH 
= 12.1),  0.08  M H2O2,  0.02  M TCE,  1.2:1  CD3CN/D2O,  3.0  hrs.  The  acetonitrile  was 
used  as  a reference  in  obtaining  these  spectra.114  However,  the  chemical  shift  of 
CD3CN  in  a solution  of  CD3CN/D2O  (1:1  V/V)  is  ~ 2.0  ppm.  The  chemical  shift  from 
the  literature1 13  was  off  by  ~ 0.3,  and  may  be  associated  to  the  changes  in  solvent 
composition. 
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Figure  5-3.  'H  NMR  spectrum  showing  TCE  oxidation  for  catalyzed  reaction. 
Condition:  0.30  M K2C03  (pH  =12.1),  0.08  M H202,  0.02M  TCE,  1.2:1  CD3CN/D20. 
The  acetonitrile  was  used  as  a reference  in  obtaining  these  spectra.114  However,  the 
chemical  shift  of  CD3CN  in  a solution  of  CD3CN/D20  (1:1  V/V)  is  ~ 2.0  ppm.  The 
chemical  shift  from  the  literature113  was  off  by  ~ 0.3,  and  may  be  associated  to  the 
changes  in  solvent  composition 
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Figure  5-4.  GC  chromatogram  and  GC-EI-MS  spectrum  for  oxidized  trichloroethylene 
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Figure  5-7.  Proposed  mechanism  for  DCE  oxidation  by  peroxycarbonate 
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Figure  5-6.  'H  NMR  spectrum  showing  dichloroethylene  oxidation  by  peroxycarbonate. 
Condition:  0.5M  NH4HCO3  (pH  = 8.5),  1.0  M H202,  0.02M  DCE,  1.2:1  CD3CN/D20. 
The  acetonitrile  was  used  as  a reference  in  obtaining  these  spectra.0  However,  the 
chemical  shift  of  CD3CN  in  a solution  of  CD3CN/D20  (1:1  V/V)  is  ~ 2.0  ppm.  The 
chemical  shift  from  the  literature113  was  off  by  ~ 0.3,  and  may  be  associated  to  the 
changes  in  solvent  composition 
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Conclusion 

Bicarbonate-activated  peroxide  is  effective  in  oxidizing  polychloroethylenes. 
Spectroscopic  studies  and  mass  spectral  data  confirmed  that  there  is  total  degradation  of 
the  TCE  within  twelve  hours;  however,  we  were  not  able  to  isolate  the  products  from  this 
oxidation  reaction.  We  did  not  observe  significant  degradation  of  TCE  in  the  background 
reactions.  The  rate  of  oxidation  of  polychloroethylene  by  the  bicarbonate  activated 
hydrogen  peroxide  is  approximately  an  order  of  magnitude  faster  than  the  hydrogen 
peroxide. 

Dichloroethylene  is  more  nucleophilic  than  TCE  given  that  it  contains  less 
electron-withdrawing  group,  chloride.  DCE  oxidation  at  high  pH  was  not  observed,  as  the 
oxidant  in  this  condition  is  the  nucleophilic,  perxoycarbonate  dianion,  CC>42‘;  but  partial 
oxidation  was  observed  near  neutral  pH.  Preliminary  studies  show  that  adding 
manganese  to  these  reaction  leads  to  rate  enhancement.  Normally  these  trace  oxidation 
reactions  are  studied  by  NMR  technique,  but  the  disadvantage  to  this  study  with  added 
manganese  is  the  excessive  build  up  of  gases.  The  release  of  oxygen  and  carbon  dioxide 
in  these  oxidation  reactions,  as  a result  of  the  oxidant  decomposition,  may  lead  to  safety 
issues.  Further  studies  are  being  carried  out,  on  DCE  and  TCE  oxidation,  using  other 
techniques  or  by  modifying  the  reaction  conditions. 


CHAPTER  6 

GENERAL  CONCLUSIONS 

Bicarbonate  is  effective  in  activating  hydrogen  peroxide.  The  pre-equilibrium 
reaction  between  hydrogen  peroxide  and  the  bicarbonate  ion  results  in  the  formation  of 
the  active  oxidant,  peroxycarbonate.  This  oxidant  is  a peracid  type  species  and  is  an 
effective  oxidant  in  the  oxidation  of  various  organic  compounds.  In  addition,  these 
oxidative  processes  occur  via  heterolytic  chemistry.  Generally,  these  oxidation  reactions 
are  carried  out  near  neutral  pH,  and  the  peroxycarbonate  decomposes  to  carbon  dioxide, 
oxygen  and  water. 

Chapter  two  describes  the  oxidation  of  arylsulfides,  which  are  mustard  simulants. 
Rate  enhancements  of  approximately  300  were  observed  for  the  catalyzed  reactions 
compared  to  the  uncatalyzed  reactions.  An  increase  in  the  bicarbonate  concentration 
showed  a linear  dependence  on  bicarbonate;  whereas,  hydrogen  peroxide  variation 
showed  a first-order  dependence  at  low  concentrations,  but  a second-order  is  observed  at 
higher  concentrations. 

The  general  mechanism  describes  a bimolecular  type  reaction,  in  which  there  is  a 
Sn2  attack  by  the  nucleophilic  sulfur  on  the  peroxycarbonate  oxygen  with  the 
displacement  of  carbonate.  Hammett  correlations,  variation  of  solvent  composition  and 
kinetic  isotope  effects  suggest  that  the  transition  state  is  a charge-separated  species, 
having  a close  association  with  the  proton  from  the  solvent.  If  the  solvent  is  aprotic  we 
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have  suggested  a five-membered  transition  state,  which  allows  for  the  SN2  displacement 
of  the  carbonate  without  solvent  assistance. 

In  Chapter  3,  we  explored  the  possibility  of  peroxycarbonate  as  an  effective  oxidant 
for  alkenes.  In  this  study,  it  was  discovered  that  the  oxidation  of  alkenes  by  bicarbonate- 
activated-peroxide  is  catalyzed  by  trace  metal  contaminants.  In  particular,  manganese 
was  shown  to  be  extremely  catalytic  in  these  oxidation  reactions.  We  have  observed  rate 
enhancements  of  several  orders  of  magnitude  when  micromolar  quantities  of  manganese 
was  added  to  the  metal-free  reactions.  The  mixed-order  bicarbonate  dependence  observed 
suggests  that  more  than  one  mole  of  bicarbonate  is  implicated  in  the  transition  state. 
Peroxide  variation  showed  a linear  dependence  at  low  peroxide  concentrations,  but  at 
high  peroxide  concentrations  the  active  oxidant  reacts  with  peroxide  to  generate  an 
unknown,  unreactive  species. 

The  mechanism  describes  the  initial  reaction  of  peroxycarbonate  dianion  with 
manganese,  resulting  in  the  formation  of  the  neutral  species  Mn(C04).  This  species  will 
further  react  with  carbonate  forming  the  intermediate  species,  (Mn(C03)(C04)),  which 
ultimately  loses  C03  to  form  compound  A,  Mn(0)(C04).  In  general,  compound  A reacts 
with  the  alkenes  to  generate  epoxides.  At  high  peroxide  concentrations,  compound  A can 
also  react  with  peroxide  to  form  an  unknown,  unreactive  species,  compound  B,  hence 
leading  to  a retardation  in  reaction  rates. 

Further  work  on  alkene  oxidation  is  reported  in  chapter  5.  We  have  shown  that  this 
system  is  also  effective  in  the  oxidation  of  unsaturated  fatty  acid  and  their  models. 

Results  showed  that  the  oxidation  reactions  lead  to  predominantly  epoxides,  and  in  a few 
cases  only  a small  percentage  of  hydrolysis  product,  gem-diol  was  seen.  Generally, 
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peroxycarbonate  oxidation  of  alkenes  occurs  via  heterolytic  chemistry;  therefore,  we 
expect  the  oxidation  of  UFA  and  UFA  models  to  occur  via  a similar  mechanism. 

It  is  well  known  in  the  literature94  that  reactive  oxygen  species  in  biological 
systems  oxidize  biomolecules  via  radical  chemisty,  and  in  most  cases,  a cascade  of 
reaction  by  products  is  observed.  However,  since  peroxycarbonate  is  present  in  cellular 
systems  and  in  the  presence  of  trace  quantity  manganese  the  active  oxidant  is  formed,  it  is 
only  reasonable  to  suggest  that  non-radical  oxidation  of  lipids  is  an  alternative 
mechanism.  Also,  given  that  the  catalyzed  reaction  is  at  least  two  orders  of  magnitude 
faster  than  the  peroxide  only  oxidation  reactions,  we  should  expect  significant 
contribution  of  this  mechanistic  pathway  in  biological  systems. 

The  study  of  alkene  oxidations  was  extended  to  include  the  extremely  electrophilic 
alkenes,  polychloroethylenes.  Spectroscopic  studies  and  mass  spectral  data  confirmed 
that  there  is  total  degradation  of  the  trichoroethylene  (TCE)  within  twelve  hours; 
however,  we  were  not  able  to  isolate  the  products  from  this  oxidation  reaction.  We  did 
not  observe  significant  degradation  of  TCE  in  the  peroxide  reactions.  The  rate  of 
oxidation  of  polychloroethylene  by  the  bicarbonate-activated  hydrogen  peroxide  is 
approximately  an  order  of  magnitude  faster  than  the  hydrogen  peroxide. 

Dichloroethylene  is  more  nucleophilic  than  TCE  as  it  contains  one  less  electron- 
withdrawing  group,  chloride.  We  did  not  observe  oxidation  of  DCE  at  high  pH,  as  the 
oxidant  at  this  condition  is  the  nucleophilic,  perxoycarbonate  dianion,  CO42';  but  partial 
oxidation  was  observed  near  neutral  conditions.  Preliminary  studies  showed  that  adding 
manganese  to  these  reactions  leads  to  rate  enhancement.  Normally  the  trace  oxidation 
reactions  are  studied  by  NMR,  but  there  is  a disadvantage  to  this  study  with  added 
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manganese  due  to  the  excessive  build  up  of  gases.  The  release  of  oxygen  and  carbon 
dioxide  in  these  oxidation  reactions,  as  a result  of  the  oxidant  decomposition,  may  lead  to 
safety  issues. 

In  conclusion,  we  have  shown  that  various  organic  substrates  can  be  oxidized  by 
bicarbonate-activated  peroxide.  These  oxidation  reactions  are  implicated  in  several  areas 
and  including  (1)  biological  (oxidation  of  lipids),  (2)  industrial  (formation  of  epoxide), 
and  (3)  environmental  (decontamination  of  mustard  agents  and  industrial  waste  streams). 
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